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EDITORS’ PREFACE 


The methods and techniques applied to studies of hydrogen bonding 
have reached a high degree of refinement and specialization and have 
branched into a variety of different fields. Consequently it has become 
almost impossible for an individual or a small group of scientists to g.ve 
a comprehensive and detailed review on this subject. Fifteen years ago, 
Pimentel and McClellan covered all the material that was then available. 
In the series of volumes we present, almost forty scientists contribute 
their most recent results and ideas in their own fields, surveying the 
present stage of knowledge on the nature and properties of the hydrogen 

bond. „ . . r 

One of the editors’ aims was to combine findings and views of experi- 

mentalists and theoreticians. Whereas only modest advance could be 
made towards a unified theory covering all of the interesting aspects 
and the various results in this widespread field, we hope that the treatise 
presented will initiate and encourage discussions and cooperation 
between scientists working in the various fields. 

The Reader familiar with the subject, will probably notice the absence 
of two of the many important and promising approaches. Both of 
these fields are developing extremely fast and we therefore felt that at 
this time it would be inappropriate to prepare an extensive survey on 
these. We are referring to hydrogen bonding in excited states and to the 
application of relaxation kinetics to hydrogen bond systems which 
have been covered only briefly. \ 

Our present volume&do not inc^tidriffvestigations with a strong tie-in 
to biology. On the one hand, interpretation of experimental facts is 
often very difficult in molecular biophysics and, further, at the present 
time views are changing much faster than in other fields. On the other 
hand, an impressive amount of important material has been already 
accumulated on hydrogen bonds in biology, in sufficient quantity as 
to be presented in a separate volume. 


Wien/Miinchen/Montreal, 
September 1975 


P. Schuster 
G. Zundel 
C. Sandorfy 
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8.1. Introduction 


The number of H-bonded structures studied by diffraction methods 
continues to grow rapidly and it will clearly not be possible to cover the 
field comprehensively in this survey. Emphasis will be laid on certain 
selected areas which have seen major advances in recent years. General 
reviews of certain types of compounds have recently been given 
elsewhere and these will only be discussed briefly here. It is unavoidable 
that the aspects covered reflect to some extent the personal interests of 
the authors; we therefore regret any serious neglect of other important 


areaS - C V A 

The present review deals with some general aspects of X-ray and 
neutron diffraction as applied to H-bonded systems. The precision at 
present attainable in the location of H-atoms will also be discussed. The 
H-bond geometry in structures studied by neutron diffraction is surveyed 
in some detail, furthermore, the role of lone-pair electrons on the acceptor 
atom, isotope effects and very short H-bonds are considered. Finally, 
certain general features of hydrates are discussed. 


8.2. General aspects of X-ray and neutron diffraction with special reference 

to hydrogen bonded crystals 

A brief summary of some relevant points may be useful to the later 
discussion. The reader is referred to standard textbooks for a more 
detailed account. 

Radiation sources. X-ray beams are normally obtained from commer¬ 
cially available X-ray equipment; a relatively powerful radiation source of 
suitable wave length is readily obtainable from the characteristic line 
spectra (e.g. CuKa = 1.5418 A, Mo Ka =0.7107 A). In contrast, suffi¬ 
ciently intense neutron sources are available at only a few nuclear reactor 
centers; moreover, the beam of thermal neutrons has a continuous 
Maxwellian distribution of wave lengths. A narrow band of wave lengths 
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at — 1 A is selected by reflection from a suitable monochromator crystal. 
Only a very small portion of the total flux is therefore usable, so that the 
resulting beam has an intensity of roughly 10 4 times that of an X-ray 
beam even for the most powerful neutron sources (around 
10 7 neutrons cm -2 s -1 at A — 1 A). 

Energy. The energy at the wave lengths employed is ~10keV for 
X-rays but only — 0.1 eV for neutrons (i.e., of the same order of 
magnitude as the phonon energy quantum associated with crystal vibra¬ 
tions). Unlike X-rays, neutrons cause no significant radiation damage; this 
is a particularly important advantage in studying biological structures as 
one crystal may then be used throughout the experiment. 

Crystal size. Crystals of dimensions up to — 0.5 mm are normally found 
to be appropriate for X-ray diffraction purposes. Low neutron flux makes 
it necessary to use longer counting times and much larger crystals for 
neutron diffraction; typical edge lengths are in the range 1-5 mm. Such 
large crystals can be used because of the considerably smaller absorption 
in the neutron case. Nevertheless, the need for such large crystals for 
neutron diffraction is a very serious drawback and has been one of the 
factors limiting the number of structures studied by this method. For 
example, it is generally difficult to grow large and still good quality single 
crystals of low-melting compounds. 

Scattering. X-rays are scattered primarily by electrons. The effective 
size of the electron cloud associated with each atom is of the same order 
of magnitude as the wave length of the X-rays (~ 1 A). With increasing 
scattering angle, interference will occur between the coherent scattering 
from different volume elements of the electron cloud. The mean atomic 
scattering factor / thus decreases monotonically with scattering angle. 
For a scattering angle of zero degrees, / is equal to the number of 
electrons in the atom. The atomic number Z thus gives a rough estimate 
of the relative scattering power of various atoms. 

Neutrons are scattered mainly by the nuclei; we disregard here 
magnetic scattering as it is rarely relevant to the study of H-bonded 
structures. The small size of the nucleus, —10 4 times smaller than the 
atom means that neutron scattering takes place effectively from a point 
source. In contrast to the X-ray case, neutron scattering will thus be 
independent of scattering angle. The scattering amplitude for thermal 
neutrons is a property of the nuclide rather than of the chemical element. 
On average it increases with the atomic weight but the individual values 
for the different nuclides show large departures from this general ten- 



397 


X-RAY AND NEUTRON DIFFRACTION STUDIES 

dencv Even the scattering amplitudes of different nuclides of the same 
d . y . differ considerably. Of particular interest in this connection 

is^hcbchavior of hydrogen. The scattering amplitude of normal hydrogen 
n otium) has a negative sign whereas the sign for deuterium ,s pos. ive, 
2? he ase for most other nuclides (the sign of the scattering amplitude 
fs nega ive when the scattered wave has the same phase as the .nciden, 
wave a positive sign corresponds to a 180“ phase difference). In the 
neutron scattering density maps normal hydrogen W'llthusappearas 
neeative areas. Besides coherent scattering, normal hydrogen has a 
considerable contribution of incoherent scattering resulting in a large 
general background beneath the peaks. This effect is much 
deuterium. The X-ray and neutron scattering amplitudes for some e e 
ments are compared in table 8.1. (To facilitate the comparison with 
neutrons, the scattering amplitudes for X-rays have been expressed in 
units of 10- ! cm, instead of being related to the scattering of the electron.) 


Table 8.1 

X-ray and neutron scattering amplitudes for some 
selected elements (in units of lO"' 7 cm) 


Nuclide 

X-rays 

sin d/A - 0 

0.5 

Neutrons 

'H 

0.28 

0.02 

-0.37 

2 H (D) 

0.28 

0.02 

0.67 

'*C 

1.69 

0.48 

0.66 

,4 N 

1.97 

0.57 

0.94 

u O 

2.25 

0.69 

0.58 

**F 

2.53 

0.85 

0.56 

w u 

25.9 

15.5 

0.85 


8.3. Location of hydrogen atoms 

Although a considerable number of neutron studies have been made on 
H-bonded crystals in recent years. X-ray diffraction remains as the most 
commonly applied technique. Accordingly, it is of some interest to 
compare the accuracy at present attainable with these two methods (for a 
more general discussion see Hamilton and Ibers [1968]). 

Accurate three-dimensional X-ray data from a compound containing no 
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atoms heavier than second or third row elements can normally yield 
approximate H-atom positions in difference Fourier syntheses. The most 
favorable situation for locating H-atoms is actually found in moderately 
complex organic compounds rather than in the simplest compounds. The 
scattering factor for hydrogen falls off very rapidly with increasing 
scattering angle (cf. table 8.1); moreover the number of reflections of low 
scattering angle increases with the size of the unit cell. The number of 
terms in the Fourier synthesis containing a significant contribution from 
the H-atoms will accordingly be larger in compounds with large unit cells. 
A typical difference Fourier map for such a moderately complex com¬ 
pound is illustrated in fig. 8.1. Today, as very accurate data are often 
available, H-positions are commonly refined by standard least-squares 
methods, assuming spherical hydrogen scattering factors. The distances 
to the heavier atoms (e.g. C-H, O-H, N-H) so derived appear to be 
systematically 0.1-0.2 A shorter than the normally accepted internuclear 
distances. The most probable reason for this systematic error is the use of 
an incorrect scattering model in the least-squares refinements. X-rays are 
scattered by electrons and the electron cloud in a bond such as O-H is 
clearly considerably deformed. The assumption of spherical scattering 
factors, especially for hydrogen, will give rise to a systematic shift in the 
apparent atomic positions to compensate for this asphericity. The atomic 



Fig. 8.1. X-ray difference Fourier map of 2-amino-5-chloropyridine through the plane of the 
molecule (cf. Kvick and Back6us 11974J); F iml< is based on all non-hydrogen atoms. The 
molecular skeleton derived from neutron diffraction is indicated. 
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position derived for hydrogen from an X-ray analysis thus approximates 
fhe centroid of the electron density rather than the actual nuclear 
nosition. Typical distances obtained from least-squares refinements of 
^positions are shown in table 8.2. The above difficulties in locating 
H-atom nuclei from X-ray diffraction data is evidently a serious limita¬ 
tion On the other hand, in cases where hydrogen has been accurately 
located, empirical evidence exists to suggest that the systematic discre¬ 
pancy in the apparent H-position is predominantly along the bond 
direction X-H. This is also illustrated in table 8.2, where the mean 
deviation from the line joining the nuclei is 2.0°. Baur (19721 reports a 
mean angular deviation H,-0-H„ of 12° for 43 different H-atoms in six 
inorganic hydrates studied by X-ray (H J and neutron (H„) diffraction, but 
some of the data involved here do not represent the highest precision now 
attainable. It has been shown by various authors that the introduction into 
the refinement of one-center polarized H-atoms can lead to H-positions 
which correspond more closely to the true nuclear positions (cf. Coppens 
[1972]). 


Table 8.2 

a-Glycine: Distances between H-atom positions (A) and angles 
between X-H bond directions (6) as determined from neutron 
and X-ray data (from Jonsson and Kvick (19721 and Almlof ct 

al. (19731)“’ 


Covalent 

bond 

X-H„ 

(A) 

X-H. 

(A) 

A 

(A) 

6 

(deg.) 

N-H(l) 

1.054(2) 

0.996(19) 

0.066 

1.8 

N-H(2) 

1.037(2) 

0.982(18) 

0.067 

2.2 

N-H(3) 

1.025(2) 

0.959(16) 

0.070 

1.3 

C(2)-H(4) 

1.090(2) 

0.963(16) 

0.130 

2.1 

C(2)-H(5) 

1.089(2) 

0.966(18) 

0.133 

2.8 


•* In the least-squares refinements, spherical scattering factors 
have been used for all atoms. In the X-ray case isotropic 
thermal parameters have been used for hydrogen (H.); other¬ 
wise anisotropic thermal parameters have been employed. 


The above difficulties do not arise in neutron diffraction since the 
scattering centers are the nuclei themselves, and the distances derived 
should therefore correspond to the true internuclear distances (neglecting 
systematic errors due to other effects such as thermal motion). The 
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favorable neutron scattering amplitudes for hydrogen and deuterium with 
respect to other atoms means that neutron diffraction is capable of 
locating H-atoms accurately; the precision of interatomic distances 
involving hydrogen is an order of magnitude better than that obtained 
from X-ray diffraction (cf. table 8.2). A general observation in X-ray 
studies is also that it is often more difficult to locate H-atoms involved in 
strong H-bonding than H-atoms in general. This would seem a natural 
consequence of the increased deformation of the electron cloud as¬ 
sociated with H-atoms involved in strong H-bonds. 

Several sources of systematic error must be kept in mind when 
interpreting interatomic distances derived from either X-ray or neutron 
diffraction. It is now standard practice in accurate work to take both 
absorption and secondary extinction into consideration. In a few neutron 
studies extension of the refinement to include anisotropic extinction 
parameters has led to markedly improved results. A very important factor 
affecting measured bond distances is thermal motion. In the least-squares 
refinements anisotropic thermal parameters (in the general case six 
parameters per atom) are usually applied to account for the thermal 
motion of the individual atoms. This assumes harmonic rectilinear motion 
for the atoms, an assumption which is sometimes inadequate and can 
mean that the apparent mean positions of the atoms are slightly different 
from the true mean values. It has been shown by Johnson [1969) that the 
conventional model can be improved by the addition of higher cumulants, 
which better describe the anharmonic vibration, etc. In order to reduce 
the number of variables it is often possible to apply some physically 
reasonable restriction on the system, which imposes constraints on the 
values of the parameters. A certain group of atoms, for example, may be 
treated as a rigid body (cf. Pawley and Willis [1970]). 

The interatomic distance derived from diffraction data represents the 
distance between the mean positions of the atoms. This is clearly not 
directly comparable with the distance derived from other methods, e.g. 
spectroscopy. For a comparison to be meaningful it is therefore necessary 
to specify the particular type of distance utilized; the choice may depend 
on the object of the analysis. The vibrationless equilibrium value, r e , is 
generally not the most suitable choice in comparisons with diffraction 
data. A quantity commonly used is r g , the average distance in the 
molecule in its vibrational ground state (cf. Kuchitsu and Bartell [1962]). 
In order to calculate r„ from the distance obtained in the diffraction study, 
it is necessary to know not only the thermal motion parameters of the 



401 


X-RAY AND NEUTRON DIFFRACTION STUDIES 

individual atoms but also the correlation between these motions. This 
atter information is not available from the diffraction data and some kind 
of assumption must be made. One such assumption is a rigid-body model; 
other common assumptions are riding motion of one atom on another or 
independent motion. Since the applicability of these simple models is 
highly dubious, uncorrected distances have been used throughout this 
article unless specified otherwise. In most cases the thermal correction 
can be expected to be less than a few hundredths of an Angstrom. In 
order to minimize the effect of thermal motion it may be desirable to carry 
out the investigations at low temperature. 


8.4. Geometrical characterization of the hydrogen bond 

An operational definition commonly used (cf. Pimentel and McClellan 
[I960)) states that a H-bond between two groups X-H and Y exists when 
(a) there is evidence of bonding X-H - Y and (b) there is evidence that 
this bonding specifically involves the hydrogen in X-H. These criteria 
evidently imply an energetic as well as a geometric requirement. From 
diffraction data alone we can only obtain direct information about the 
geometrical arrangement. Nevertheless, the existence of H-bonds is 
commonly inferred on the basis of such evidence. 

The H-bond can be characterized geometrically by the parameters r, d 
and 6 as shown in fig. 8.2. The additional parameter R is clearly 
determined by r, d and 0, but is often used as the only geometrical 
characteristic of the H-bond, typically if hydrogen has not been precisely 
located. R is often referred to as the H-bond length. 

The most natural geometrical criterion for H-bonding between the 
groups X-H and Y (cf. requirement (a) above) would seem to be that the 
distance H -Y be shorter than the van der Waals approach, 

d < w H + vv Y . 

The most common acceptor atom (Y) is oxygen and here the value of the 
van der Waals radius (w 0 ) given by Pauling [1960] of 1.4 A would seem to 
be generally accepted. In the case of hydrogen, however, the Pauling 



Fig. 8.2. Geometrical H-bond parameters. 
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value of 1.2 A appears to be too long judging by recent neutron diffraction 
measurements of H-H distances. A value of 1.0 A has recently been 
proposed by Baur [1972J. This means that a H---0 contact shorter than 

2.4 A can be taken as a possible indication of H-bonding. Hamilton’s 
H-bond criterion [1968] that d < w H + w Y - 0.2 A was based on the 
Pauling value for w H of 1.2 A. It was then found necessary, however, to 
introduce the correction term of 0.2 A to obtain reasonable limiting values 
for H-bonding. The value of 2.4 A for the limiting H • • • O distance agrees 
with the value obtained from Hamilton’s inequality but the seemingly 
arbitrary correction of 0.2 A is no longer needed. 

The distance R (fig. 8.2) between the atoms X and Y has often been 
used as an indicator of possible H-bonding. This distance has then been 
compared to w x + w Yt the van der Waals contact distance between these 
atoms. The difficulties inherent in such comparisons are illustrated 
schematically in fig. 8.3 for the case of two molecules ROH and OR' 
approaching each other. The van der Waals contact distance (fig. 8.3a) is 

3.4 A and H-bonding shortens this to < 3.4 A (fig. 8.3b). An O-O 

distance shorter than 3.4 A is in itself, however, an insufficient indication 
of H-bonding, as illustrated in fig. 8.3c: the 0 -0 van der Waals contact 

distance is 2.8 A if no hydrogen is located on the connecting line. With an 
incomplete knowledge of the location of the H-atom, as is often the case 
in X-ray diffraction, great care must be exercised in drawing conclusions 
about the existence of H-bonding on the basis of the X-- Y distance 
alone. 

A simple model for the H-bond interaction is needed for the later 
discussion. We will thus assume that the forces acting between the groups 
X-H and Y can be simply described as a classical electrostatic interaction 



(a) (b) (c) 

Fig. 8.3. Intermolecular distances in the case of H-bonding and van der Waals contacts. The 
O-H distance has been set equal to 1.0 A: (a) van der Waals contacts, (b) H-bonding. (c) van 

der Waals contacts with no hydrogen involved. 
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example van Duijneveldt-van de Rijdt and van Du.jneveldt [19 


8.5. Hydrogen bond geometry 

A literature survey of H-bond distances and angles derived from single 
crystal neutron diffraction studies is presented in the Appendix. Include 
are results from three-dimensional studies in wh,ch A * h _ e P'S™* ^ 
been located to a reported precision of better than -O.O. A. Within these 
limits, we have attempted to give a comprehensive coverage of the 
information available on the most widely studied types of H-bonds having 
oxygen or nitrogen as donor atoms and oxygen, nitrogen or chlorine as 

acceptor atoms. 

It must be remembered, when analyzing these results, that H-bonds 
may not exhibit their energetically most favorable configuration in a 
crystal because of constraints imposed by the crystal structure. Distortion 
of the H-bonds by such constraints are not easy to estimate, and it will be 
assumed in the following that these distortions are random. It should then 
be possible to obtain some information on the configuration of an 
undistorted H-bond by observing a number of similar H-bonds in different 
crystal environments. It must be pointed out, however, that the optimum 
configuration of an isolated system X-H-**Y will depend on the struc¬ 
tural details of the X-H and Y groups. (It cannot be taken for granted, for 
example, that this optimum configruation corresponds to a linear 
X-H ••• Y bond; cf. Kroon et al. [1975].) In order to find the optimum 
configuration of an undistorted H-bond, the survey of crystal structures 
should accordingly be limited to identical X-H and Y groups in different 
crystal environments. Such closely similar situations are virtually impos¬ 
sible to find, so that here we include all kinds of X-H and Y groups and 
search for the average configuration of a H-bond, undistorted by crystal 
effects. 


8.5.1. The linearity of hydrogen bonds 

Before the introduction of the neutron diffraction technique in the early 
1950s for the study of H-bonded crystals, no method was available for the 
unambiguous determination of H-atom positions. In the absence of 
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reliable experimental evidence, it was then generally assumed that almost 
all H-bonds were linear. Even when neutron diffraction studies had 
revealed several examples of non-linear H-bonds, these were assumed to 
be exceptions to the general rule of linearity (Pimentel and McClellan 
[1960], pp. 263-265). The present view, however, is that deviations from 
strict linearity can be regarded as the normal situation for a H-bond in a 
solid. 

A histogram of the distribution of X-H ••• Y angles, 0, for all H-bonds 
included in the Appendix is given in fig. 8.4. H-bonds deviating by 10 to 
15° from linearity seem to occur as frequently as more linear bonds. It 
might be tempting to conclude from the histogram that there is no 
pronounced tendency for H-bonds to be linear. It has recently been 



180 160 140 120 100 


Angle 0 C) 

Fig. 8.4. Histogram for the distribution of X-HY angles for all H-bonds included in the 
Appendix. The cross-hatched area represents those angles required to be 180° by the 
symmetry of the crystal. (In this and all other diagrams, only one set of values is included 
when both the normal and the deuteratcd structures have been studied.) 


pointed out by Kroon et al. [1975] and by Pedersen [1974], however, that 
it is more relevant to study the number of H-bonds per unit solid angle as 
a function of 0. The 0 distribution should thus be corrected by a 
geometric factor which relates to the number of possible H-bond configu¬ 
rations at each 0 interval in the histogram. As illustrated in fig. 8.5, this 
geometric factor for the ith column in the histogram in fig. 8.4 is the area 
of the surface of the spherical segment between the limits 0, and 0,*,. This 
geometric correction factor is proportional to (cos 0,+ t - cos 0,) which 
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Fig. 8.5. Illustration of the geometrical correction factor. 


agrees with Pedersen’s [1974] treatment (except for the difference 
brought about by a different definition of 6). By converting the 
trigonometric sum to a product and neglecting constant terms, we obtain 
the geometrical correction factor: sin [}(0. + 0,«.,)], which is the correction 
factor given by Kroon et al. [1975]. The corrected histogram is shown in 
fig. 8.6. The distribution is now approximately Gaussian with a maximum 
for the 6 interval 175-180°. The above treatment is based on the 
assumption that the relative occurrence of a certain bending is indepen- 



Fig. 8.6. Histogram corresponding to fig. 8.4, but corrected for the geometrical factor 
described in the text. The bonds corresponding to the cross-hatched area in fig. 8.4 have 

been omitted. 
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dent of the rotation angle about the X-H bond axis. This has only been 
demonstrated in the case of hydrates (Pedersen [1974]), but the close 
similarity between the histograms for H-bonds in general and for hydrates 
suggests that this assumption is approximately valid (see further below). 

The average configuration thus corresponds to a linear H-bond. From 
this it may not be concluded, however, that a strictly linear arrangement is 
the most stable configuration for a particular X-H • • • Y bond. The data 
surveyed include many different kinds of X-H and Y groups; as already 
pointed out, the optimum configuration may depend on the structural 
details of these groups. In a crystal, the energy lost in distorting a H-bond 
from the optimum configuration may be outweighed by the energy gained 
by achieving a more efficient packing arrangement. It would be expected 
that weaker bonds are more easily distorted than stronger bonds. A plot 
of X-H • • • O angle as a function of H • • • O distance is shown for O-H • • • O 
bonds in fig. 8.7 and for N-H--0 bonds in fig. 8.8. In both cases there 
exists a correlation between the H-bond angle and the H-O distance. 
The correlation coefficients of the regression lines are -0.55 and -0.67 
for 0-H***0 and N-H---0 bonds, respectively. The deviations from 
linearity are generally much larger for N-H • • • O bonds than for O-H • • • O 
bonds with similar H-O distances. A possible explanation is that the 
hydrogen donor in the N-H-O bonds most often belongs to -NHJ or 
NHi groups. Since all the H-atoms in such groups normally take part in 
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Fig. 8.7. Angle O-H - ••O as a function of H • • • O distance for O-H • • • O bonds. 
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Fie 8 8 Angle N-H— O as a function of H---0 distance for intermolecular N-H -C) 
bonds’ Symbols: squares. NHi donor; triangles. -NH,’ donor; crosses -NH, donor; circles. 
=NH donor. Filled symbols denote the longer H • O contact in a bifurcated H-bond. 


H-bonding, this will mean that three or four H-bonds experience a 
geometrical constraint by having a common donor atom. This kind of 
constraint does not affect O-H-O bonds to the same extent since the 
donor in these cases is generally an -OH group with only one hydrogen 
available for H-bonding, or a water molecule with two such H-atoms. A 
difference also exists between H 2 0 and -NH 2 as donor groups; the latter 
is linked to a virtually rigid molecule by a covalent bond and is thus more 
constrained than a water molecule. The same argument applies for a H,0‘ 
ion compared to a -NH; group. Further support for this reasoning is that 
N-H • • • O bonds with =NH or -NH 2 as donor groups are, on average, 
more closely linear than those with -NH,* or NHI as donor groups (see fig. 
8 . 8 ). 

It would seem appropriate to conclude this section with some com¬ 
ments on the relation between fig. 8.4 and figs. 8.7. and 8.8. The histogram 
in fig. 8.4 gives the relative probability of observing a certain X-H • • • Y 
angle, irrespective of H • • • Y distance. The regression lines in figs. 8.7. and 
8.8 give the relation between the mean angle X-H • • • O (for a certain 
H • • • O distance) and the H • • • O distance. (Note that all angles O-H • • • O, 
N-H • • • O and O-H • • • Cl are considered in fig. 8.4.) In order to determine 
the average configuration of O-H-O bonds for various bond lengths 
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Fig. 8.9. Histograms showing the distribution of O-H •• O angles in three different intervals 
of H - O distances; the standard deviations from 180° are 4.3. 7.4 and 11.5°. respectively. 
The histograms have been corrected for the geometrical factor described in the text. 


H • • - O, histograms analogous to fig. 8.4 have been prepared for different 
intervals of the distance H---0. The histograms shown in fig. 8.9 are 
obtained after application of the geometrical correction factor discussed 
earlier. The maximum in the corrected distribution occurs for 6 = 180°, 
but a broadening of the distribution curves is observed for longer H • • *0 
distances. The slopes of the regression lines in figs. 8.7 and 8.8 express the 
same tendency. We have chosen not to include data for N-H • • • O bonds 
in view of the relatively few observations made of such bonds. 

8.5.2. Bifurcated hydrogen bonds 

The geometrical requirements for H-bonding presented above can in 
certain cases lead to arrangements in which a covalently bonded H-atom 
is situated close to more than one potential acceptor atom. The term 
bifurcated H-bond is often used to describe such a situation. The 
corresponding situation involving three acceptor atoms is then called a 
trifurcated H-bond. The bonds in the Appendix which could be classified 
as bifurcated or trifurcated are so indicated in the comments column. We 
note that, with the exception of the bifurcated O-H •••Cl bond in the 
structure of MnCl 2 -4H 2 0, all other bifurcations are of the N-H • • • O type. 
This does not mean, however, that bifurcated bonds of the O-H • • • O type 
(for example) have not been encountered. Two-dimensional neutron 
diffraction studies have revealed bifurcated O-H - O bonds in the 
structures of NiCl 2 -6H 2 0 (Kleinberg [1969]) and in perdeuterated violuric 
acid monohydrate (Craven and Takei [1964]). 
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The following discussion will be limited to bifurcated bonds in which 
the donor is a nitrogen atom and both acceptors are oxygen atoms. These 
two oxygen atoms cannot be less than - 2.0 A from one another, since 
this is the smallest separation between two oxygen atoms covalently 
bonded to the same atom. This means that at least one of the two 
jsj-H • • • O bonds has to deviate considerably from linearity. An examina¬ 
tion of the bifurcated N-H - 0 bonds in the Appendix shows that they 
are all unevenly bifurcated. The longer of the H • • • O contacts is close to 
the limiting value of 2.4 A and in all cases corresponds to the more bent 
N-H---0 bond (0 < 150°). The bifurcated bonds can therefore be re¬ 
garded as consisting of one “normal” H-bond together with one very 
weak N-H • • • O interaction. It is also questionable whether the geometri¬ 
cal criterion d<w H +w y should be applied when the H-bonds are far 
from linear. H -0 contacts slightly shorter than the normal van der 
Waals approach may be considered a result of packing effects. This view 
is supported by the fact that, for all the examples of bifurcated N-H • • • O 
bonds, the donor group is an -NH,* or NH; group. Three or four “active” 
H-atoms must then compete in fulfilling their H-bonding requirements. 
The compromises made may result in arrangements in which the H-atom 
is situated close to more than one potential acceptor atom. 

Bifurcated H-bonds have often been suggested in structures studied by 
X-ray diffraction. Such suggestions should be viewed with some caution, 
especially if the H-bonds are inferred only from the positions of the 
non-hydrogen atoms. To illustrate this point we can use the structure of 
a-glycine which was the first structure in which a bifurcated H-bond was 
proposed (Albrecht and Corey [1939]). The geometry of the proposed 
bifurcated H-bond as determined by neutron diffraction (Jonsson and 
Kvick [1972]) is shown in fig. 8.10. The contact N-H3-01 is a much 
weaker interaction compared to N-H3 • • • 02 since not only is the H • • • O 
distance appreciably longer, but also the N-H--0 angle is much more 
bent. It should therefore not be regarded as representing a H-bond. This is 
contrary to the conclusions which might be drawn from the N -0 
distances: the N---01 distance is shorter than the N-02 distance. 
Similar situations might lead to erroneous conclusions about the presence 
of bifurcated H-bonds in such cases where only the non-hydrogen 
positions have been determined. Donohue [1968a] examined a number of 
structures which had been suggested to contain bifurcated H-bonds; he 
reached the conclusion that several of these structures did not, in fact, 
contain bifurcated H-bonds. 
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Fig. 8.10. The geometry of the proposed bifurcated H-bond in a-glycine as determined by 

neutron diffraction. 


8.5.3. Correlation between X-H bond length and H • • • Y distance 

The covalent X-H bond length in an asymmetric H-bond is influenced by 
the strength of the H • • • Y contact: a shorter H • • • Y contact will generally 
lead to a longer X-H distance. This is illustrated for O-H - O bonds in 
fig. 8.11 in which the more precisely determined O-H distances (a ^ 
0.010 A) from the Appendix have been plotted as a function of H---0 
distance. Very bent H-bonds with 0-H-- 0 angles less than 150° have 
been omitted. A similar correlation based on fewer experimental points 
was included in the monograph by Hamilton and Ibers [1968], p. 54. 
Correlations of this kind have traditionally been made using the 0---0 
distance as the independent variable rather than the H • • • O distance (e.g. 
Nakamoto et al. [1955]). However, non-linear H-bonds are commonly 
encountered, and since H*“0 distance is a better measure of H-bond 
strength for non-linear bonds than O-O distance, the trend may be less 
pronounced in O-H vs. 0-*-0 plots. One reason for using the 0***0 
distance in the correlation is that the resulting curve could then be of use 
in predicting O-H distances in cases where the hydrogen positions have 
not been experimentally obtained. A plot of this type, involving the same 
H-bonds as the previous plot, is shown in fig. 8.12. 

A considerable scatter is observed in the points in the two correlation 
diagrams which cannot be explained by experimental errors alone. 
Certainly the widely differing environments of the different H-bonds must 
influence the bond lengths. A large variation can also be noted in the 
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Fig. 8.11. O-H distance as a function of H • • • O distance. 
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Fig. 8.12. O-H distance as a function of O -• O distance. 
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functional groups both at the donor and acceptor ends of the H-bonds. 
Furthermore, all the values used in the correlation are uncorrected for 
thermal motion. 

The correlation between N-H and H---0 distances is shown in fig. 
8.13, and the correlation between N-H and N- O distances in fig. 8.14. 
The plotted values are taken from the Appendix and the selection 
restrictions are the same as those applied in the previous plots (cr(N-H) ^ 
0.010 A and Z.N-H • • • O > 150°). We note that the correlation between 
N-H and H • • • O appears to be dependent on the number of H-atoms on 
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H —O (A) 

Fig. 8.13. N-H distance as a function of H**-0 distance. The symbols have the same 

meaning as in fig. 8.8. 



Fig. 8.14. N-H distance as a function of N • • • O distance. 
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Sns only one least-squares line based on all available data potnts ,s 
given here; an attempted second-degree polynomial fit resulted in a curve 
insignificantly different from the given straight line. 


8.6. The role of the lone-pair electrons on the acceptor atom 

From existing empirical data it can be stated that, if a molecule contains 
“active” H-atoms (i.e. contains groups normally forming H-bonds), then 
all such H-atoms wish to participate in H-bonding. It is very seldom 
found, for example, that the H-atoms of a water molecule are not engaged 
in H-bonding. This fact has an important bearing on the arrangement of 
the H-bonds, as will be illustrated for the case of a molecule AH* 
containing n active H-atoms. Suppose that we wish to build up a 
three-dimensional structure containing only AH* molecules and assume 
that all these molecules have equivalent surroundings. Thus, if each 
molecule acts as a donor of n H-bonds, fig. 8.15a, each molecule must also 
act as an acceptor of the same number of H-bonds, fig. 8.15b. In 
elementary discussions one usually considers a lone pair as the receiver 
of each of these H-bonds. With this picture one would evidently need n 
lone pairs on each AH* molecule. However, one very seldom finds 
molecules with the same number of active H-atoms as lone pairs. Water is 
thus a rather unique molecule in this respect. In most other compounds, 
however, this ideal case is not found; ammonia is a typical example. Here, 
there is only one lone pair available and one might therefore conclude that 
only one of the three H-atoms can be engaged in H-bonding. The 



(a) n hydrogen bonds donated (b) n hydrogen bonds accepted 

Fig. 8.15. Geometrical requirements in H-bond formation (see the text). 
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structure of solid ammonia is illustrated in fig. 8.16. We notice that all 
three H-atoms do, in fact, participate in H-bonding, which means that the 
single lone pair has to accept no less than three H-bonds. The simple 
picture of one lone pair per H-bond is evidently not very relevant (see 
further Olovsson [I960]). 

The above discussion may be extended to include cases with more than 
one type of molecule making up the structure, e.g. NH3 H 2 O and 
N 2 H 4 H 2 O. Here again we notice that the total number of active H-atoms 
is not equal to the number of available lone pairs. The resulting structures 
reveal features analogous to those of solid ammonia: in N 2 H 4 H 2 0, for 
example, the two lone pairs of the water molecule accept four H-bonds 
from surrounding hydrazine molecules (Liminga and Olovsson [1964]). 
Many examples could be taken from the literature, but the above cases 
suffice to illustrate the point. 

To summarize; one usually finds that all active H-atoms are engaged in 
H-bonding. If the number of lone pairs available is less than the number 
of active hydrogens, we may encounter situations like those described 
above. In many other cases there is an excess of available lone pairs: as, 
for example, in many organic compounds. Here, either some of the lone 
pairs are not involved in H-bonding or the donor H-atom is directed 
towards some point between several lone pairs. 

The above discussion has been rather formalistic, assuming the role of 
lone pairs as the receivers of H-bonds. Since the actual situation is often 
more complicated and cannot always be described in these terms, it may 
be argued that the above discussion in terms of lone pairs should be 



Fig. 8.16. Structure of solid ammonia (Olovsson and Templeton [1959]). 
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abandoned. It has already been pointed out in section 8.4 that.most of-the 
geometrical characteristics of a H-bond can be explained in terms of a 
simple classical electrostatic interaction involving the total electronic “ 
nuclear charge distribution. The following alternative description may 
thus be preferable: “All active H-atoms tend to participate in H-bonding^ 
The H-atoms are donated to regions of large electron density. The details 
of the H-bond arrangement are mainly determined by geometnca re¬ 
quirements.” (As pointed out below, this description is particularly 
applicable to weak H-bonds where the simple electrostatic picture 
applies.) The tetrahedral distribution in ice may then be explained as 
follows: each water molecule donates two H-bonds and, accordingly, 
each oxygen has to accept two H-bonds, i.e., there will be altogether four 
neighbors around each water. The two donated H-bonds form an approxi¬ 
mately tetrahedral angle with each other, and the two accepted H-bonds 
are then expected to approach the oxygen along the other two tetrahedral 
directions; this on the basis of purely geometrical considerations. This 
somewhat vague description of the role of electrons as acceptors of 
H-bonds may be illustrated by the total electron density obtained for the 
water molecule from ab initio calculations by Diercksen [1971], illustrated 
in fig. 8.17. The results refer to dimeric water in the “linear perpendicular 
geometry” at an oxygen separation of 3.00 A, but the contours are very 
similar to those obtained in other calculations on the free water molecule. 



(a) 


(b) 


Fig. 8.17. Total charge density contour maps for dimeric water in the “linear perpendicular 
geometry” at an oxygen-oxygen distance of 3.00 A in the x-z and x-y planes (inner orbitals 
at oxygen not included in the figures). The figures are based on the SCF-MO-LCGO studies 

by Diercksen [19711. 
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The total electron density bears no resemblance to the popular picture of 
lone-pair electrons sticking out like rabbit ears. If purely electrostatic 
forces between the electron clouds (and nuclei) can be considered to give 
an adequate description of the H-bond interaction, there is no reason to 
place special significance on the role of lone-pair electrons in the water 
molecules. This would appear to be true for all but the shortest H-bonds. 

Which of the above descriptions is to be preferred is largely a matter of 
taste. “Regions of large electron density" may thus be roughly equivalent 
to lone-pair regions. From the above it may seem that lone pairs have very 
little directional influence on the H-bonds accepted. However, in the 
above examples (NHj etc.) the H-bonds are very weak. As the interaction 
gets stronger the directional influence may well become more important. 
It would thus be interesting to study the change in electron density as the 
H-bond is formed. It is rather difficult to discern the finer details of the 
total electron density from illustrations of the type given in fig. 8.17. 
Difference electron densities are especially useful if small effects are 
being considered. Diercksen [1971] has given the difference between the 
electron density computed for two interacting water molecules and for 
isolated water molecules. It is found that the mutual interaction changes 
the charge distribution at all nuclei, and not only in the region of the 
H-bond itself. Of special relevance to the present discussion is the 
observation that the charge density at the acceptor oxygen atom is 
increased, together with a slight polarization towards the H-bond. 

In recent years great progress has been made in the experimental 
determination of the valence electron distribution by diffraction methods. 
Particularly interesting is the combination of X-ray and neutron data to 
produce X-N difference Fourier maps (Coppens [1974]). The quantities 
(Fx-Fn) are then used as coefficients in Fourier summations, where F x is 
the observed structure factor amplitude from the X-ray study and F N is 
calculated from positional and thermal parameters found in the neutron 
study and using spherical atomic X-ray scattering factors for the different 
atoms. The X-N difference maps thus obtained show the deviation from 
spherical symmetry of the electron distribution around the nuclei. As an 
illustrative example we take the X-N difference map in the carboxylate 
plane of a-glycine, fig. 8.18. The map shows the expected migration of 
electron density towards the center of the covalent bonds, and distinct 
electron density maxima at sites predicted on the basis of sp 2 hybridiza¬ 
tion of the oxygen atoms. 

Some attempts have previously been made to study the directional 



X-RAY AND NEUTRON DIFFRACTION STUDIES 


417 



iX ’ 

Fin 8 18. X-N difference Fourier map of o-glycine Ihrough the plane defined by the 
carboxylate group. The contour interval is 0.06 e A-. Negative levels are represented by 

dashed lines (from Almlof el al. (1973]). 


influence of the seemingly well-defined lone-pair orbitals on the carbonyl 
group when acting as a H-bond acceptor. The lone-pair electrons on the 
carbonyl oxygen atom can be represented as approximately sp 2 hybrid¬ 
ized orbitals. The angle between the OO direction and the lone-pair 
orbitals is therefore expected to be close to 120°. For a carbonyl group, 
which forms part of a carboxylic or carboxylate group, the lone-pair 
orbitals are expected to lie in the molecular plane. Robertson [1964] found 
such an arrangement to be consistent with the characteristics of the 
H-bonds in centric carboxylic acid dimers. A different view was taken by 
Donohue [1968a, b] who stated that it was unnecessary to invoke sp 2 
hybridization and specific positions for lone pairs to explain the 
OH • • • 0=C angles being close to 120° in centric carboxylic acid dimers. 
He reasons that all of the angles (except the O-H-O angle) are 
necessarily close to 120° in such eight-membered rings. In a survey of 
other structures containing the carbonyl group Donohue [1968a] failed to 
find support for a directional influence on the H-bond from the orbital 
hybridization of the acceptor atom (cf. also Nahringbauer [1970]). These 
conclusions were based on X-ray results and it was assumed that the 
H---Y direction was coincident with the X*-Y direction. The lack of 
evidence for a directional influence of the lone pairs might well be an 
artifact of neglecting the positions of the H-atoms. The use of neutron 
diffraction results should eliminate this uncertainty. 
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A plot of the angle H • • • 0=C as a function of H • • • O distance is shown 
in fig. 8.19 for those 0-H---0 and N-H---0 bonds included in the 
Appendix for which the acceptor oxygen atom belongs to a carbonyl 
group. The regression line agrees closely with the prediction based on 
lone-pair directions. There are, however, a few large deviations from the 
predicted angle of 120°. The reason for the accumulation of acceptor 
angles around 120° may be that the lone-pair orbitals actually exert some 
directional influence or otherwise that some geometrical factor leads to 
such an accumulation. The objection raised by Donohue regarding the 
acceptor angles in dimers is only relevant in a few cases; these are marked 
by filled symbols in fig. 8.19. 

The lone-pair orbitals on a carbonyl oxygen atom are expected to be 
situated approximately in the plane defined by the carbon atom and its 
three ligands. A further requirement for the existence of a directional 
influence from the lone-pair orbitals is therefore that the donor H-atom is 
situated close to this plane. The displacements of the donor H-atom from 
the planes defined by the carbonyl acceptors have been given by Jonsson 
11973) for most of the carbonyl acceptors surveyed here. The displace¬ 
ments were found to be small for nearly all of the short and for many of 
the longer O-H • • • O bonds. Large displacements were found for H-bonds 
in large rigid molecules where the requirement of an efficient packing may 
prevent the H-bonds from attaining their optimum orientations. The 
picture was less conclusive for the N-H-*-0 bonds; many of these 
showed quite large displacements of the donor H-atom from the molecu¬ 
lar plane of the acceptor group. It should be noted, however, that in most 
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Fig. 8.19. Angle H---0=C as a function of H---0 distance. Symbols: circles, 0-H---0 
bonds: squares. N-H • • • O bonds. Filled symbols refer to dimers (see the text). 
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of these cases the H-atom belongs to an -NHJ group. It .s obv.ously no 
possible in these structures to arrive at a molecular packing arrangement 
such that each of the three N-H bonds of an -NH, group point along a 
lone-pair direction. In conclusion, it would seem that short H-bonds to 
carbonyl acceptor are often formed in agreement with the predictions 
based on lone-pair directions, whereas weaker bonds can be formed 


without restriction in this respect. 

Tetrahedral ZO. ions (e.g. sulfate and phosphate ions) represent 
another important group of H-bond acceptors. A plot of the angle 
H -O-Z as a function of H---0 distance for sulfate and phosphate 
groups is given in fig. 8.20. Again, the regression line is in close agreement 
with predictions based on lone-pair directions. It would seem more likely, 
however, that the accumulation of acceptor angles around 1 10-120° is due 
to purely geometrical factors. In most cases, each oxygen accepts two or 
three H-bonds. so that the most favorable distribution of these neighbors 
with respect to the Z-O direction will lead automatically to acceptor 
angles around 110-120°. This serves to illustrate the importance of 
considering the total arrangement and not the geometry of one particular 


H-bond in the system. 

Kroon et al. [1975] have recently made a statistical analysis of 196 
H-bonds from 45 crystal structures of polyalcohols, saccharides and 


related ROH compounds studied by X-ray diffraction. They find that, 
although the H-bonds are generally accepted close to the plane of the two 
lone-pairs of the oxygen atom, there is no distinct preference for 



H -0 (Al 


Fig. 8.20. Angle H --0-Z as a function of H - O distance. Symbols: circles, O-H - O 
bonds; squares, N-H---0 bonds. Symbols for sulfate groups are open and for phosphate 

groups filled. 
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acceptance specifically along the lone-pair directions. This would again 
appear a quite natural result if the interaction with oxygen can be 
attributed mainly to non-directional electrostatic forces. 


8.7. Isotope effects on hydrogen bond lengths 

Substitution of D for H in a H-bonded compound may affect several 
structural features; here we will consider only the changes in the H-bond 
lengths and the term “isotope effect” will be used in referring to such 
changes. 

It is commonly assumed that the potential function for a H-atom in a 
H-bond may be characterized by one of the curves illustrated in fig. 8.21. 
Substitution of D for H may then affect the H-bond lengths differently 
depending on the type of potential and the relative distribution of the 
vibrational energy levels for H and D. This isotope effect in short 
H-bonds has been used, for example, as a means of determining whether 
the potential function is of an effectively single-minimum or double¬ 
minimum type. Most earlier conclusions concerning the isotope effect 



Position of proton 

Fig. 8.21. Schematic illustration of potential functions assumed to be characteristic of 

H-bonds of different lengths. 
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were based on changes observed in the unit-cell constants Such indi¬ 
rectly determined values must be regarded with caution, howe 
these studies it was assumed that any changes brought about by .sotoptc 
substitution were confined to the H-bond. From the onentat.on of the 
H bond with respect to the unit cell, and the changes in the cell 
parameters on isotopic substitution, it was then possible to estimate the 
change in the H-bond length. Later, direct determinations of the actual 
H-bond lengths have shown that this simple procedure may not give 
correct results. We will therefore limit our discussion here to comp ete 
structural studies of normal and deuterated compounds. For a detailed 
discussion of some of the earlier work in this field see Hamilton and Ibers 

11 The isotope effect determined from complete single crystal X-ray 
diffraction studies made in recent years of both the normal and the 
corresponding deuterated compounds are summarized in table 8.3 and 
illustrated in fig. 8.22. It would also have been of interest to estimate the 
isotope effect from the changes in cell constants as described above. It is 
not self-evident, however, how this should be done in the case of an 
oblique unit cell. In some of the compounds listed in table 8.3, for 
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Fig. 8.22. Changes observed in O • • • O hydrogen bond lengths in complete structural studies 
of normal and deuterated compounds. Standard deviations (lcr) are indicated for the short 

H-bonds. 




Table 8.3 

Changes observed in 0---0 hydrogen bond lengths in complete structural studies of the normal and deuterated compounds 
Ac, is the isotope effect calculated from the fractional coordinates of the normal structure and the unit-cell parameters of the normal 

and deuterated compounds 
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example, the changes in the unit-cell parameters on deuteration are 
limited almost entirely to the angles. We therefore make no> estimate: of 
this type here. Another quantity. A—. has been I.sted in table 8 3. This is 
the isotope effect calculated from the fractional coordinates of the normal 
structure and the cell parameters of the normal and deuterated com¬ 
pounds (cf. Thomas [1972]). It is noticeable that there is a certain 
correlation between the isotope effects thus calculated and the values 
actually observed, but that, in general, the calculated isotope effect is 
much smaller than the directly measured value. It should be pointed out, 
however, that this method of calculation implies that the isotope effect is 
evenly distributed in the whole unit cell and is not confined to the H-bond 
as in the procedure discussed earlier. We would therefore expect that A cu . t 
should be smaller than the true isotope effect. 

Only one type of H-bond occurs in the unit cells of KHCO, and 
KH(CFjCOO) 2 . In all other cases listed in table 8.3, several different 
H-bonds are present, the most common situation being one short and two 
considerably longer bonds. These longer bonds would tend to be sensitive 
to alteration in the structural detail induced by any isotope effect in the 
shorter bond. It would seem probable that the observed change in the 
short bond represents a real isotope effect, whereas any conclusions 
drawn from changes in the longer bonds are more dubious. From this 
point of view only the effects in the shortest bonds in table 8.3 should be 
taken as an empirical basis for discussion of the isotope effects in these 
compounds (cf. Thomas [1972]). Hence the difference in notation in fig. 
8.22; filled points represent the shorter bonds, unfilled points the longer 
bonds. Even if there is only one crystallographically independent H-bond 
in the unit cell, the mutual influence of two or more symmetry-related 
H-bonds may conceal the true isotope effect in one particular H-bond. 
Strictly speaking, the observed change represents a genuine isotope effect 
if only one H-bond occurs in the cell. Structures in which such a situation 
is realized are extremely rare, however, so that we have to utilize the type 
of data presented in table 8.3, though possibly apply some sort of 
correction for the mutual influence of symmetry-related H-bonds. No 
attempt in this direction has been made here. 

The difficulties in discussing individual changes in the bond lengths 
have been pointed out earlier by Tellgren and Olovsson [ 1971 ] for the case 
of oxalic acid dihydrate. Two modifications of the deuterated form exist, 
a-DOX and /3-DOX, whereas only the a form of the protonated 
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compound, a-POX, has so far been isolated. The H-bond distances are: 

a-POX: 2.512(1), 2.864(2), 2.883(1) A* 

(X-rays; Delaplane and Ibers [1969]). 

a-DOX: 2.531 (1), 2.880(2), 2.907( 1) A 

(X-rays; Delaplane and Ibers [1969]). 

0-DOX: 2.538(2), 2.855(2). 2.834(3) A 

(neutrons; Coppens and Sabine [1969]). 

(For references to other work, see Coppens and Sabine [1969].) The 
observed differences in a - and /3-DOX are evidently due to an alteration 
in crystal structure. The short bond is only slightly different in a- and 
/3-DOX, whereas the longer ones are strongly affected by the change in 
crystal structure. These longer bonds are clearly quite sensitive to the 
details of the structural arrangement. It would then seem unlikely that the 
changes observed in the long bonds on deuteration of a-POX (from 2.864 
to 2.880 A and from 2.883 to 2.907 A, respectively) are genuine isotope 
effects. This should serve as a warning against drawing conclusions about 
isotope effects in longer bonds without considering changes occurring 
elsewhere in the structure. 

The short bond in H 2 S04-4H 2 0 does not change significantly on 
deuteration (from 2.431(3) to 2.426(3) A). This bond length falls in the 
range of truly centered H-bonds (cf. fig. 8.12), although no definite 
conclusion can be drawn from the crystallographically observed sym¬ 
metry (a twofold axis passes through the center of the O • • • O bond). The 
situation in KH(CF,COO) 2 is similar; here there is a center of symmetry 
in the middle of the H-bond. According to the suggestion of Rundle 
[1964], virtually no isotope effect should occur if the H-bond is of the 
centered, single-potential-well type. On this basis it could be suggested 
that the short H-bonds now discussed are of this type (cf. the theoretical 
results of Singh and Wood [1969] discussed below). 

In the other compounds listed in table 8.3 there occurs an expansion of 
0.01-0.02 A in the short bonds of length 2.5-2.6 A on deuteration. This is 
in agreement with earlier suggestions based on older empirical data. The 
changes in these short bonds seem to show a definite trend, as illustrated 
in fig. 8.22. The amount of data available is clearly insufficient to permit 
any more definitive statements to be made at this stage, however. Further 


* Numbers in parentheses here and throughout this chapter are the estimated standard 
deviations in the least significant digits. 
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accurate studies must be made, especially of compounds containing only 
one independent H-bond. In KH,(Se0 3 ) 2 there is not just one unique short 
bond but two short bonds of almost equal length. The mutual influence o 
these bonds makes it unlikely that the observed changes ,n the bond 
lengths are genuine isotope effects. On the other hand, similar objections 
could be raised for other cases listed in table 8.3 involving only one 
unique short H-bond, since two or more symmetry-related H-bonds 
actually occur in the unit cell. (Three N-H-O bonds occur in 
N 2 H,HC 2 0«, apart from the 0-H-- 0 bond listed in table 8.3. However 
the space group is not the same in the normal and the deuterated 
compound, P2,/m and P2„ respectively. Each of the N-H - O b ° nds in 
N 2 H 5 HC 2 O 4 corresponds to two non-equivalent bonds in N 2 D 5 DC 2 O 4 ; this 
makes an evaluation of the isotope effect practically impossible.) 

Early qualitative explanations of the origin of the isotope effect have 
been surveyed by Hamilton and Ibers [1968], p. 104, but more recently 
such arguments have been given a more theoretical basis. Singh and 
Wood [1969] have made theoretical calculations of the isotope effect in 
H-bonds characterized by different types of potentials. A very slight 


contraction on deuteration is predicted for potentials of the single¬ 
minimum type. Similar calculations on FHF have later been performed 
by Almlof [1972], using a potential function obtained by ab iniiio methods. 
An isotope effect of -0.0058 A is obtained in this case, which is 
comparable with -0.0046(5) A deduced indirectly from cell dimension 
changes in NaHF 2 (Ibers [1964]). The vibrational spectrum observed for 
HFJ in alkali metal salts is also very well reprod 'ced in these ab initio 


calculations. 

In comparison with the very small effects r .dieted for potentials of the 
single-minimum type, a substantial expan- on (several hundredths of an 
A) is suggested by the calculations of ngh and Wood for the case of 
symmetric and asymmetric double-n • .imum potentials if anharmonicity 
is introduced. The expansions o* jrved for the short H-bonds in all 
except two of the compounds ir iole 8.3 are of the same magnitude. The 
calculations support the sugp' uon made by Ibers [1964] that a coupling 
between the normal modes s sufficient to provide a qualitative explana¬ 
tion of the observed isot je effects. Furthermore, since only the vibra¬ 
tional ground state is nvolved in this treatment, Singh and Wood’s 
calculations do not jpport the assumption made by Nordman and 
Lipscomb [1951]. They suggested that the changes occurring on deutera¬ 
tion were due to the decreased spacing between the vibrational ground 
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state and the first excited state, and the resulting increase in population of 
the excited state. If this were true, the isotope effect would completely 
disappear at 0 K. In this connection it would clearly be most interesting to 
study the temperature dependence of the isotope effect. The need for 
experimental measurements of this effect at several temperatures has 
long been recognized but little work of any real value has been done. The 
only direct determination of the isotope effect at several temperatures is 
that for KHCOj (Thomas et al. [19741), illustrated in table 8.3. We notice 
in this case that the isotope effect varies slightly with temperature + 0.022, 
+ 0.021 and +0.015 A at 298, 219 and 95 K, respectively. Since the 
standard deviations are 0.003 A the observed changes are hardly signifi¬ 
cant, however. The isotope effect at 95 K can be expected to differ 
minimally from the effect at 0 K. The indications are thus that the isotope 
effect does not approach zero at 0 K, which agrees with the interpretation 
of the isotope effect as a zero-point-energy phenomenon (cf. also Robert¬ 
son and Ubbelohde [19391). 


8.8. Very short hydrogen bonds 

The lower limit on the length of an O • • • O hydrogen bond is around 2.40 A, 
and in this section we shall examine the very interesting interval 2.40- 
2.50 A in more detail. For the following discussion it may be helpful to 
review the nomenclature used. The term “symmetric H-bond“ has often 
been used in the past to describe a situation in which the H-atom is located 
at the center of the H-bond, whether this is required by the crystallographic 
symmetry or not. For reasons discussed later, it would seem desirable to 
confine the term “symmetric” to describe the crystallographically sym¬ 
metric case and to use the term “centered” for all other cases. We 
therefore propose the nomenclature outlined in table 8.5. In case lb we 
have assumed that he H-atom deviates insignificantly from the center of 
the X• • • X bond. In l? the symbol (H,H) refers to a situation in which the 
H-atom is dynamicall* distributed between alternative positions very 
close to the center of the v • • • X bond (a potential of the type shown in fig. 
8.21d may be typical for k his case). In III these alternative positions are 
further apart and the poier. ial barrier may be somewhat higher, with a 
possibility for either stare r dynamic disorder. Naturally no clear 
dividing lines exist between »h. different situations indicated. 

Pertinent bond distances foi <'on»pounds containing O • • • O bonds in the 
range 2.40-2.50 A and which hav • be n studied by neutron diffraction are 
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summarized in table 8.4. From fig. 8.12 we notice that all symmetric 
H-bonds are found in this interval, but also that asymmetric bonds. are 
encountered equally frequently. The feature common to all short H-bonds 
found in table 8.4 is that the proton interacts with two chemically very 

similar acceptor groups X and Y, forming [X • • ■ H • • • YJ or [A r i- 
In the first case X and Y are negatively charged (generally carboxylate 
ions) whereas the second case normally involves neutral molecules (H ; 0 
etc.). The atoms in the groups X and Y which are directly bonded to the 
proton are in all cases identical (oxygen atoms), but the structural details 
further away from the H-bond need not be exactly identical. A slightly 
asymmetric H-bond environment can thus arise due to chemical differ¬ 
ences between the X and Y groups, such as in (NH 2 ) 2 CO-H,PO. (fig. 8.23) 
or pyridine-2,3-dicarboxylic acid (fig. 8.24). The short H-bonds in these 
structures are clearly of the type IVb (table 8.5). Several examples of 


Table 8.4 


Compounds containing very short O • O hydrogen bonds studied by neutron diffraction. For 

references see the Appendix 


Compound 

O O 

O-H 

H—O 

Symmetry 
of H*bond 

KH,(PO«h 

2.422(3) 

1.174(4) 

1.252(4) 


Ca(H : AsQ.) 2 

2.436(3) 

1.218(1) 

1.218(1) 

1 


2.444(3) 

1.222(1) 

1.222(1) 

I 

KH oxydiacetate 

2.476(2) 

1.152(3) 

1.328(3) 

- 

RbH oxydiacetate 

2.449(3) 

1.226(2) 

1.226(2) 

2 

KH(CF,COO)» 

2.437(4) 

1.218(2) 

1.218(2) 

I 

KH diaspirinate 

2.448(4) 

1.224(2) 

1.224(2) 

T 

KH malonate 

2.468(6) 

1.234(3) 

1.234(3) 

I 

KH chloromaleate 

2.403(3) 

1.199(5) 

1.206(5) 

- 

KH succinate 

2.444(9) 

1.227(6) 

1.227(6) 

2 

NR.HC.O 4 H,C 2 0 4 2H,0 

2.500(4) 

1.102(7) 

1.399(7) 

- 


2.472(4) 

1.069(7) 

1.403(9) 

- 

N,HsHC 2 04 

2.448(7) 

1.224(4) 

1.224(4) 

I 

(NH 2 )iC0-HjP0 4 

2.421(3) 

1.207(6) 

1.223(6) 

- 

h,o;c*h.(no>),so;-2h 2 o 

2.436(2) 

1.128(4) 

1.310(4) 

- 

h 7 o;c 6 h,cooh(OH)So;** 

2.436(4) 

1.095(6) 

1.342(6) 

- 

Pyridine-2,3-dicarboxylic acid*’ 

2.398(3) 

1.163(5) 

1.238(5) 

- 

[Ni(C,H,,N ; 0).H*]CrH.0 

2.420(5) 

1.187(5) 

1.242(5) 

- 


•* Williams et al. [1972). 
M Kvick et al. (1974). 
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Table 8.5 

Nomenclature proposed for different H-bond situations (cf. the text) 
Crystallographic symmetry of the H-bond 
H-bond situation (a) I, 2. m etc. (b) None 

(I) X • • • H • • • X symmetric, centered asymmetric, centered 

(II) X • • • (H.H)*• • X symmetric, effectively asymmetric, effectively 

centered centered 

(III) X"(H)”(H)-‘X symmetric, disordered asymmetric, disordered 

(IV) X-H • • • X - non-centered 

non-centered H 5 O 2 ions are illustrated in chapter 10. However, even if the 
two groups X and Y are chemically identical, slight asymmetry in the 
environment of the H-bond may be present due to differences in the 
structural details. 

Crystallographic symmetry at the center of the H-bond implies that the 
environment is perfectly symmetric. The presence of such crystallo¬ 
graphic symmetry, however, is clearly not a necessary requirement for the 



H12 H22 

Fig. 8.23. The bonding situation in (NH 2 ) 2 C0H,P0 4 (Kostansek and Busing 11972)). 
Standard deviations on the bond lengths are 0.002-0.006 A. 
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Fig. 8.24. The bonding situation in pyridine-2.3-dicarboxylic acid (Kvick et al. [1974]). 

Standard deviations on the bond lengths are 0.001-0.005 A. 

formation of short H-bonds: for the compounds in table 8.4 with O - • • O 
distances in the range 2.40-2.50 A, asymmetric and perfectly symmetric 
environments are equally common. If chemical and other structural 
differences discussed here are neglected, we may characterize complexes 
containing very short H-bonds by the general formulae HX 2 ‘ or HX 2 ; the 
approximate nature of this description must be realized, however. 

The most commonly studied compounds are those containing HX 2 as 
they include many acid salts MHX 2 . Apart from the examples listed in 
table 8.4, many other acid salts have been studied by X-ray diffraction. 
Speakman [1972] has recently given a comprehensive treatment of the 
crystal chemistry of such acid salts. The reader is also referred to chapter 
12 for a detailed discussion of spectroscopic properties. Only three 
compounds containing HXJ are listed in table 8.4, and it will be observed 
that the H,0 2 * ion is of this type. Several strong acid hydrates containing 
H 5 0 2 * have recently been studied by X-ray diffraction (cf. chapter 10). No 
doubt many more examples of HXJ complexes will be encountered in the 
future, e.g. in protonated organic compounds. 

The location of the proton in very short H-bonds of this type is of 
considerable interest. The H-atom potential for the X- - -Y bond may be 
assumed to be of the general form illustrated in fig. 8.21c-f. Characteristic 
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for all such potentials is a rather broad single minimum or a double 
minimum with a low barrier. If some crystallographic symmetry operation 
acts at the center of such a short H-bond, the potential function 
determining the motion of the H-atom must also exhibit this symmetry 
(cf. fig. 8.21c-e). In the presence of a symmetry center, we may therefore 
encounter either a truly centered or a disordered (static or dynamic) 
hydrogen situation. The H-atom will thus be expected to follow the 
crystallographic symmetry characteristics of the rest of the structure. 
Without a detailed analysis of the thermal motion of hydrogen, it is 
generally impossible to differentiate between a truly centered and a 
disordered hydrogen situation, even if neutron diffraction data are 
available. From the above it might be argued that neutron diffraction 
provides no more definitive information than X-ray diffraction in the case 
of crystallographically symmetric H-bonds. It should be pointed out, 
however, that we have here assumed that the crystallographic symmetry 
can be determined to the same degree of certainty with both methods. 
Neutron diffraction is clearly capable of detecting deviations from X-ray 
determined symmetry where such deviations actually exist (cf. section 
8.2: scattering). 

If the arrangement with respect to the center of the H-bond is 
sufficiently asymmetric, a distortion of the potential functions shown in 
fig. 8.21c-e and will be expected; fig. 8.2If illustrates such a slightly 
asymmetric situation. The mean position of the hydrogen may then 
deviate significantly from the center; the magnitude of the deviation 
depending on the degree of asymmetry of the environment. The values 
given in table 8.4 demonstrate the rather large range of deviations. The 
importance of considering asymmetry in the structural details is demon¬ 
strated by the structure of potassium hydrogen chloromaleate (Ellison 
and Levy [1965]), fig. 8.25. The chemical equivalence of the X and Y 
groups of the maleate ion is here removed by substituting chlorine for one 
of the ethylenic H-atoms. We might then expect a somewhat larger 
difference in the O • • • H and H • • • O distances than that observed, 1.199(5) 
and 1.206(5) A, respectively. However, the two oxygen atoms participat¬ 
ing in the short O • • • H • • • O bond have different K* • • • O contacts, and this 
will also influence the potential experienced by the hydrogen. From a 
detailed analysis of the motion of the H-atom it is concluded that the 
H-bond is effectively centered (case lib in table 8.5). 

In early studies it was generally assumed that very short 0---0 
distances implied centered H-bonds. As has been made clear here. 
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Fig. 8.25. The bonding situation in potassium hydrogen chloromaleate (Ellison and Levy 
(1965]). Standard deviations on the bond lengths are 0.002-0.005 A. 


however, non-centered bonds would appear to be equally common (see 
table 8.4). The relatively common occurrence of centered H-bonds would 
appear rather to reflect the fact that relatively simple compounds have so 
far been studied, containing chemically very similar acceptor groups. We 
are of the belief that non-centered H-bonds will prove to be the normal 
situation as more complicated structures are studied. 

The previous discussion has dealt exclusively with H-bonds formed 
between oxygen atoms. The shortest H-bonds are of the type HF 2 
(F - • - F = ~ 2.26 A) but only a few structures containing such bonds have 
so far been studied. In the simple alkali metal and ammonium salts of the 
type MHF 2 , the anions have symmetric environment and contain appar¬ 
ently centered H-bonds (cf. Hamilton and Ibers 11968]). An example of a 
non-centered HF 2 ion is found in the recently studied compound p- 
toluidinium hydrogen difluoride (Williams and Schneemeyer [1973]). 
Here, the anion has a very asymmetric environment: the two fluorine 
atoms of HFJ each has two short F---H contacts to neighboring -NH,' 
groups but the F**-H distances are very different, 1.608 and 1.675 A for 
F(l) as compared to 1.777 and 2.518 A for F(2). As expected, the HFJ ion 
is then non-centered: H • • • F(l) = 1.235 A, F(2)-H = 1.025 A, 
Z.F-H • • • F = 178.1°. 
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A general characteristic of all short H-bonds discussed so far has been 
the very close chemical similarity of the two acceptor groups. In all cases 
the atoms directly bonded to the proton have been identical (oxygen or 
fluorine). One may question whether this chemical similarity is a neces¬ 
sary requirement for the formation of very short H-bonds. For a 
discussion of this point we will use a simple model for the variation of 
H-bond lengths (Olovsson (1960J). Consider two molecules RXH and YS 
bonded to each other: 


RX-H-YS 

The symbols R and S here represent arbitrary groups of atoms. If R is 
replaced by a less electron-attracting group R', the redistribution of the 
electronic charges will lead to a weaker electrostatic interaction in the 
H-bond; a longer H-bond is accordingly expected. Similarly, if we 
substitute S by a less electron-attracting group S', the electronic charge on 
Y will increase and a stronger H-bond will be expected. If we now 
successively increase the electronic charge on Y, the H-bond strength will 
thus increase at first. At some stage, however, the proton will be 
transferred to Y. A further increase in the electronic charge on Y will 
weaken the H-bond as discussed above. For a given molecule RX-H we 
would thus expect a minimum in the X-H • • • Y bond length when RX and 
YS are approximately equally good H-bond acceptors (or RXH and SYH 
are equally good H-bond donors). Such a situation is obtained if RX and 
YS are chemically similar. Very short H-bonds will not arise if only this 
requirement is fulfilled, however. A second requirement is that both X 
and Y be strongly electronegative. In situations such as 
[RCOO• • • H • • *OOCRl or [F*• • H • • • F] it is clear that both these re¬ 
quirements are fulfilled and, as we have seen, very short H-bonds do in 
fact arise. 

In previous discussion we have not specified that the atoms X and Y 
must be identical, e.g. oxygen or fluorine atoms. The important factor is 
that both should be approximately equally good H-bond acceptors. Could 
we find, for example, very short bonds of the type RO• • • H • • • NR'? An 
immediate difficulty arises here if we wish to compare the length of such a 
bond with a bond of the type RO • • • H • • • OR'. Some correction must be 
made for the difference in the effective radii of nitrogen and oxygen. As a 
suitable measure of this difference we can take the difference in van der 
Waals radii. Let us assume the following values: r F =1.30, r o =1.40, 
r N = 1.50, r C i = 1.80 A. If we set the limiting distance for the shortest 
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O. • • O distance to 2.40 A, the calculated shortest X • ^stanc^ wij. he 
p F = 2 20 O - • ■ F = 2.30, (0 - 0 = 2.40), O --N-2.50, N in 
,60 F - • Cl = 2.70 A. etc. The uncertainty in these estimated values .s at 
i +nns A The shortest F---F distance experimentally observed is 

around 2.26 A (cf. above). An example of a very short ° /’. JJ** 
found in pyridine-3,5-dicarboxylic acid (Takusagawa et al. [1973 ). An 
apparently non-centered O-H • • • N bond is encountered here of length 

2 ' 5 l'n 5< H-bonds of this type, where the atoms directly bonded to the 
hydrogen are not identical, no crystallographic symmetry will require the 
H-atom to be centrally located. We would therefore expect such H-bonds 
in general to be non-centered. However, we cannot exclude the possibility 
that a centered H-bond of the type O • • ■ H - • • N (for example) could occur 
if an unusually strong nitrogen acceptor atom were involved. 


8.9. Water and hydrates 

The water molecule continues to hold its place as one of the most 
interesting substances in the H-bond field, constantly attracting the 
attention of crystallographers, spectroscopists and theoreticians alike. 
Recent studies of the different forms of ice are reviewed by Whalley in 
ch. 29 and will accordingly not be discussed here. Similarly, the hydrates 
of strong acids are discussed separately in ch. 10. 

Hydrates are among the most commonly studied H-bonded substances 
and have been the subject of several earlier reviews, the most recent of 
which are by Hamilton [1968], Hamilton and Ibers [1968], Jeffrey [1969] 
and Schwarzmann [1969]. Ferraris and Franchini-Angela [1972] have 
summarized the geometry and environment of 90 water molecules in 41 
hydrates (mainly of inorganic salts) studied by neutron diffraction. Falk 
and Knop [1973] have surveyed the crystallographic as well as the 
spectroscopic literature, again restricting themselves primarily to inor¬ 
ganic hydrates. They review the diffraction results from 282 hydrates 
containing 663 crystallographically distinct water molecules. The reader is 
referred to the above papers for references to earlier reviews of hydrate 
structures. 

Classification. A water molecule can function in a crystal structure in a 
diversity of roles. It can act both as a donor and an acceptor of H-bonds, 
as well as a ligand molecule, and in no case are the geometrical constraints 
severe. It is thus not surprising that crystalline hydrates are very common 
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in nature. Many anhydrous ionic compounds which are difficult to prepare 
in a crystalline form are clearly stabilized by hydration. 

Almost without exception are both H-atoms of a water molecule 
engaged in H-bonds to neighboring acceptors. The water molecule thus 
normally acts as a donor in two H-bonds; on the other hand, the 
environment on the acceptor side can vary considerably. The coordina¬ 
tion of water molecules is thus primarily one of two types: planar-trigonal 
or tetrahedral. In the former a cation of H-bond donor is situated 
approximately on the twofold axis of the water molecule. In the salt 
hydrates studied so far, such trigonal coordination occurs in about 50% of 
the cases in which a water molecule has a cation as its nearest neighbor. 
This coordination is almost always formed in the presence of highly 
charged cations (e.g. and M 4 *). In tetrahedral coordination two 
cations or H-bond donors approach the water molecule approximately in 
the directions of the two lone pairs. This coordination is preferred with 
monovalent (alkali) cations as nearest neighbors, and also in the presence 
of H-bond donors like NH or OH (see further Falk and Knop [1973]). 

Besides the two main types of coordination described above, more 
complex situations often arise involving considerable distortion from the 
ideal geometrical configurations. The various geometries have been 
classified in more detail by Chidambaram et al. [1964] on the basis of the 
coordination of the lone pairs. A somewhat revised classification scheme 
has later been proposed by Ferraris and Franchini-Angela [1972]. How¬ 
ever, the large fluctuation in the details of the arrangement within each 
class and the diffuseness of the definition of the classes raise the question 
of the general usefulness of such detailed schemes. Furthermore, from 
the discussion given in section 8.6, it is doubtful whether any special 
significance should be attached to the role of the lone-pair electrons as 
H-bond acceptors, at least for relatively weak H-bonds. The random 
character of certain structural features is illustrated in the following 
section. 

Linearity of the hydrogen bonds. The linearity of H-bonds in general 
has been discussed in section 8.5.1. Also in the special case of hydrates 
are the H-bonds donated by water molecules found to deviate considera¬ 
bly from linearity. The histogram in fig. 8.26 shows the relative occurr¬ 
ence of different angles 0 in the hydrates listed by Ferraris and Franchini- 
Angela [1972]. The maximum in the distribution curve occurs for 0 ~~ 
170°. Pedersen [1974] has further analyzed the H-bond situation in these 
hydrates. He demonstrates that there would appear to be no preference 
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Fig 8.26. Histogram for the distribution of 0-H-**Y angles in hydrates (from Pedersen 

(1974)). 

for the acceptor atom to be in the plane of the water molecule (the donor 
plane). In fact, the relative occurrence of a certain deviation (<£) of the 
plane through O-H -Y from the donor plane is practically independent 
of </> (fig. 8.27). Application of the correction factor cos 0,*,- cos 0, 
discussed in section 8.5.1 to the histogram in fig. 8.26 results in fig. 8.28. 
The similarity with the previous histograms in figs. 8.4 and 8.6 is apparent 
and seems to justify the assumption made in section 8.5.1 that the bending 
of X-H••• Y bonds is, in general, reasonably independent of the rotation 
angle about the X-H bond axis. 

To summarize, it may thus be concluded that the average configuration 
corresponds to a linear H-bond O-H-Y. From this it cannot be 
concluded, however, that the optimum configuration for one particular 
isolated H-bond is also linear (see section 8.5.1). 



Fig. 8.27. Histogram showing the relative occurrence of a deviation (<t>) of the plane through 
O-H Y from the plane of the water molecule (Pedersen (1974)). 
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Angle 0 C) 


Fig. 8.28. Histogram corresponding to fig. 8.24. but corrected for the geometrical factor 

described in the text. 


Geometry of the water molecule. The environments of the water 
molecule in hydrates differ considerably. In the hydrate structures 
included in the survey given by Ferraris and Franchini-Angela [1972] the 
angle Y**0**'Y' to the acceptors of the H-bond from the water 
molecule varies from 80 to 150°, with a mean value of 110.5°. As expected, 
the internal geometry of the water molecule tends to be much more 
constant. In the hydrates just considered the H-O-H angles range from 
101 to 115°, with a mean value of 107.8° (all values are uncorrected for 
thermal motion). Unfortunately, only a few neutron studies are suffi¬ 
ciently accurate for a detailed analysis to be made of the actual deviations 
from the gas phase values. Systematic errors due to thermal motion are 
particularly difficult to make satisfactory allowance for. The value 107.8° 
should be compared with the average angle 0 t = 104.5° in the vibrational 
ground state of the free water molecule (Kuchitsu and Bartell [1962]). 
This angle is not significantly different from the vibrationless equilibrium 
value, B c = 104.52° (Benedict et al. [1956]). The average opening of the 
angle from the gas phase value is accordingly 3.3°. If a preference for 
H-bond linearity were the major factor affecting the H-O-H angle, one 
would expect this angle to be smaller than 104.5° when the Y--0-Y' 
angle is smaller than 104.5° (and vice versa). It is then interesting to note 
that in deuterated a - and /3-oxalic acid dihydrate the O-O-O angles 
are 83.5 and 88.0°, to be compared with D-O-D angles of 105.8 and 108.8° 
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(Coppens and Sabine [1969]). Similarly, in ice IX two oftthe O ■ ■ • O — O 
angles are 100.8 and 99.2°, while the corresponding D-O-D angles are 104. 
and 106.0° respectively (La Placa et al. [1973]). Ev.dently factors other 
than a preference for H-bond linearity affect the bond angle of the water 
molecule in solids. The opening of this angle may, for instance be 
attributable to an increased repulsion between the protons brought about 
bv an increased polarization accompanying the formation of H-bonds. 

It is also of interest to compare the O-H distance in the free water 
molecule with the corresponding values in the hydrates. By analogy with 
the above discussion of H-bond angles, these distances should be 
compared with the average distance r. = 0.974 A (0.970 A for O-D) in the 
vibrational ground state of the molecule (Kuchitsu and Bartell (1962); see 
also section 8.1). In this case r g is significantly larger than the vibrationless 
equilibrium value, r e = 0.9572 A (Benedict et al. [1956]). The H-bonds 
originating from the water molecules to oxygen acceptors are in the range 
2.6-3.0 A. From fig. 8.12 it may be estimated that the elongation of the 
O-H bond with respect to the free molecule should be less than 0.02 A. 
This figure represents the limit of the accuracy at present attainable if 
uncertainty due to thermal effects is taken into account. In ice IX (La 
Placa et al. [1973]) the uncorrected average O-D distance is 0.975(3) A. If 
correction for rigid body motion is applied, the average value becomes 
0.982(3) A (correction for riding motion gives nearly the same value). The 
observed elongation with respect to the gas phase value (0.012 A) is thus 
of the expected order of magnitude for 0***0 distances in the range 
2.75-2.79 A. In this context it is of particular interest to study the effect of 
an asymmetric environment on the two O-H distances. Such a situation is 
found in the structure of LiHCOO H 2 0 (Tellgren et al. [ 19741). Here the 
H-bond distances to the neighbors are very different; the O • • • O distances 
are 2.714(2) and 2.896(2) A, and the H---0 distances are 1.742(3) and 
1.949(4) A, respectively (fig. 8.29). The corresponding O-H distances are 
0.976(3) and 0.965(4) A. These are uncorrected distances but, assuming 
that the thermal corrections for these two O-H distances are approxi¬ 
mately the same (the similarity in the thermal ellipsoids tends to support 
this assumption), the observed difference (Ar) of 0.011 A gives a direct 
estimate of the effect of a change (A R) in 0---0 distance from 2.714 to 
2.896 A. Although the observed A r of 0.011 A is hardly statistically 
significant (<r ~ 0.005 A), IR and NMR measurements (Berglund et al. 
[1974]) indicate that the observed difference is real. It is found, for 
example, that the water molecule in LiHCOO H : 0 is vibrationally 
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Fig. 8.29. The bonding situation around the water molecule in LiHC00 H,0 (Tellgren et al. 

11974)). 

distorted such that the O-H stretching modes consist of independent 
stretchings of the two O-H bonds. A difference in O-H distance of 
0.016 A is predicted from the observed difference of 259 cm 1 in the O-H 
stretching frequencies (see further Lindgren and Tegenfeldt (1974]). 

The above distortion of water molecules in an asymmetric environment 
can also be compared with the distortion found in H*0* n H 2 0 complexes 
(see ch. 10, section 10.4). 

From a plot of Ar vs. A R for 54 different water molecules Falk and 
Knop (1973] have found that the expected correlation between these 
quantities is completely obscured by experimental errors. Reference to 
the Appendix shows quite clearly that the precision in most hydrate 
studies is too low to warrant a plot of this type. 

The significance of the variations observed in the geometry of the water 
molecule is somewhat doubtful for an individual case. However, the 
combined results from several different studies seem to indicate a slight 
elongation of the O-H distance and an opening of the H-O-H angle as a 
water molecule enters a hydrate structure. In this connection it is of 
interest to note the results of recent ab initio calculations on the water 
molecule in the free state and in two solid hydrates, NaHC 2 0 4 *H 2 0 and 
LiHC 2 0 4 H 2 0 (Almldf et al. [1972]). The calculations were performed 
using an MO-LCGO-SCF approach, taking also the effect of the crystal¬ 
line environment into account. The calculated and observed bond dis¬ 
tances and angles are listed in table 8.6. The calculated quantities are 
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Table 8.6 

Calculated and observed bond distances and angles for the water molecule in free form and 

in two solid hydrates 




HjO 

NaHCjOa 

H.O 

LiHCyOaHiO 


Calc."' 

obsr 

Calc."’ 

Obs.“ 

Calc- Obs. d ' 

r,< A) 

M A) 

Z-H-O-H (deg.) 

Z.O - 0 - 0 (deg.) 

0.944 

0.944 

104.0 

0.9572 

0.9572 

104.52 

0.960 

0.954 

108.1 

0.963 

0.962 

107.8 

122.9 

0.961 

0.969 

106.0 

108.4 


•’ Almlof et al. (19721. 

b ’ Benedict et al. f 19561- 

•» Tellgren, Thomas and Olovsson (I975J. 

- Thomas [I972|. 


vibrationless equilibrium values, r, and a.; the corresponding values for 
the free water molecule as observed by Benedict et al. [1956] are listed in 
the table. As pointed out above, the diffraction values for NaHC.OvH.-O 
and LiHCjO.H.O should not be compared directly with these values. The 
theoretical investigation indicates an elongation of the O-H bond of 
0.01-0.02 A and an opening of the H-O-H angle of 2-4° as the water 
molecule enters the hydrate structures. These results are thus in agree¬ 
ment with the accumulated evidence from several different diffraction 
studies. 
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9.1. Introduction 

This chapter summarizes results from a series of neutron diffraction 
studies of the principal naturally occurring a-amino acids. This series ot 
investigations was undertaken at Brookhaven National Laboratory in 
order to determine the precise positions of H-atoms in the amino acids, and 
also to obtain generally more precise molecular geometries than were 
available from earlier X-ray diffraction studies of these compounds. I he 
neutron diffraction work has yielded a wealth of detailed structural infor¬ 
mation on H-bonding in the crystalline amino acids. 

Reviews of the literature on X-ray diffraction studies of amino acids 
have been published by Marsh and Donohue [1967] and by Gurskaya 
[1968]. In addition to the Brookhaven series of studies (Hamilton et al. 
[1972]) several neutron diffraction investigations have been carried out at 
Bhabha Atomic Research Centre (Bugayong et al. [1972], Ramanadham et 
al. [1972], Sequeira et al. [1972] and Gupta et al. [1974]). 


9.2. Structure determination and refinement 

Table 9.1 gives crystal data for the 18 amino acid structures for which 
neutron diffraction studies have been completed, along with estimated 
standard deviations in bond lengths and literature references. The neutral 
L-amino acid was chosen for study wherever possible, but if suitable 
crystals were difficult to grow, the hydrochloride salt was sometimes used. 
A glance at table 9.1 indicates that the studies in question are all of very 
high precision, and in fact the quality of these results approaches the best 
attainable by current diffraction techniques. In all cases, intensities of 
Bragg reflections were measured on computer-controlled four-circle dif¬ 
fractometers, using large well-formed single crystals of the amino acids 
ranging from 1 to 40 mm’ in volume, and with a crystal-monochromated 
neutron beam of wave length near 1 A. fr-20 step scans were employed and 
the reflection profiles were carefully analyzed to correct for the effects of 
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„5'”n‘ «„p“ thermal parameter, for all atom, and including a correction 
for secondary extinction (Zachariasen [1967]) where necessary. The ratio 
of the number of reflections to the number of refined parameters 
typically about five. Crystallographic K-values R - S(F 0 |F C |)/ - 

where F 0 and F c are the observed and calculated structure factors on an 
absolute scale, are included in table 9.1 to indicate the quality of agreement 

between data and model for each structure. 

At the start of the least-squares refinements the positions of non¬ 
hydrogen atoms were generally assumed to be those found in the prior 
X-ray diffraction studies and initial H-atom positions were obtained from 
scattering density maps, which were based on observed structure amp¬ 
litudes and phases calculated from the X-ray non-hydrogen coordinate^ 
The structures of L-serine H,0 (Frey et al. [1973a]) and L-proIineH ; 0 
(Verbist et al. [1972a]) were solved by direct phase determination from 
the neutron data using the multi-solution method of Germain et al. [1971]. 
The refinement of the structure of L-proline H 2 0 is as yet unfinished and 
this study has been omitted from table 9.1. 


9.3. Discussion 

Neutron diffraction studies have confirmed that the crystal structures of 
the amino acids as determined by X-ray diffraction are generally correct. 
The principal new results obtained in the neutron work are the precise 
positions and root-mean-square amplitudes of thermal motion determined 
for H-atoms. These structural details could not be elucidated precisely 
with X-ray techniques, because H-atoms scatter X-rays very inefficiently. 
For example, in the case of L-alanine (C3H7NO2), hydrogen contributes 
only 2% of the total diffracted X-ray intensity, compared to a 25% 
contribution for neutrons. Therefore, neutron values of H-atom positional 
and thermal parameters are at least an order of magnitude more precise 
than those obtained by X-ray techniques. 


9.3.1. Molecular structures 

All of the neutral amino acids studied by neutron diffraction were found 
to occur in the crystal as zwitterions. This point had previously been in 
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doubt for several compounds, due to the uncertainty associated with 
proton positions, particularly in some of the earlier X-ray work. The 
zwitterion structure is illustrated in fig. 9.1, a stereoview of the serine 
molecule in DL-serine. Here the nitrogen atom is quite close to the plane 
of the carboxyl group, as is often found to be the case for amino acids. 
Interestingly enough, very nearly the same conformation of the serine 
molecule as in DL-serine is found in L-serine-HjO and in anhydrous 
L-serine. The structure of this latter compound has been studied by X-ray 
techniques by Benedetti et al. 11972]. 



Fig. 9.1. Stereoscopic drawing of serine molecule in DL-serine. The thermal ellipsoids 
include areas with an atomic density greater than 50%. A - o. B = p, G = y, D * 8. 


Bond distances, bond angles and torsion angles for the individual amino 
acids are listed in the references included in table 9.1. Weighted mean 
values of main chain distances and angles based on the neutron results are 
given in table 9.2, and are compared with corresponding averages given 
by Marsh and Donohue [1967] for X-ray studies. Extreme values are 
included in table 9.2 for the neutron studies along with the number of 
observations for each bonding parameter. It is apparent that bond angles 
are somewhat sensitive to H-bonding and crystal packing forces and are 
therefore subject to considerably more variation from one structure to 
another than are bond distances. The ammonium groups show an ex¬ 
pected slight distortion from tetrahedral symmetry with the mean H-N-H 
angle about 2° smaller than the mean C"-N-H angle. A similar distortion 
is observed in the methyl groups of the alanine and valine side chains. The 
N-H distances are distributed over an unusually wide range, reflecting the 
effects of H-bonding (see section 9.3.2). 
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Table 9.2 

01 uu tk.rmni motion are Eiven 


Number of 


Bond distance Mean Minimum Maximum observations 


C-O 1 

1 . 252 ( 2 ) 

1.240 

1.268 

13 

C-O 2 ■' 

1 . 260 ( 2 ) 

1.245 

1.266 

13 

C-O*” 

1 . 256 ( 1 ) 

1.240 

1.268 

26 
a Cl 

x.^ 

C-C* 

1 . 535 ( 1 ) 

1.516 

1.542 

18 

C*-C # 

1 . 532 ( 2 ) 

1.524 

1.549 

17 

C*-N° 

1 . 493 ( 1 ) 

1.484 

1.504 

19 

C“-H“ 

1 . 101 ( 1 ) 

1.091 

1.109 

19 

e 

N-H° 

1 . 039 ( 1 ) 

1.007 

1.083 

55 

Bond angle 




13 

o'-c-o 2 ” 

125 . 8 ( 1 ) 

124.1 

127.1 

O'-C-C 

117 . 6 ( 3 ) 

115.6 

120.0 

13 

o 2 -c-c— 

116 . 6 ( 2 ) 

114.6 

118.3 

13 

o-c-c ma * 

117 . 1 ( 2 ) 

114.6 

120.0 

26 

1 1 

C-C*-N*' 

109 . 7 ( 3 ) 

106.8 

111.9 

17 

c-c*-c <m 

111 . 5 ( 5 ) 

107.3 

114.3 

16 

C-C*-H" -> 

108 . 4 ( 3 ) 

106.2 

110.5 

18 

N-C--C-* 

111 . 1 ( 2 ) 

109.2 

112.6 

17 

N-C*-H**' 

107 . 8 ( 3 ) 

106.6 

110.9 

18 

C fl -C"-H"*' 

108 . 7 ( 3 ) 

107.3 

110.9 

16 

C"-N-H*' 

110 . 8 ( 2 ) 

107.7 

114.0 

53 

H-N-H*’ 

108 . 3 ( 2 ) 

105.0 

111.9 

53 


Mean X-ray” 
(Marsh and 
Donohue (1967)) 


1.252 

1.253 

1.253 
1.527 
1.525 
1.487 


125.6 

118.0 

116.4 
117.2 

110.5 

111.5 

110.5 


•» Protonated carboxyl groups not included. 
b > Mean of C-O' and C-O 2 . 

B> ^-ammonium group of lysine HCI included. 
Mean of O'-C-C* and 0 2 -C-C*. 

#> Hydroxyproline not included. 
n Not corrected for thermal motion. 


The bond distances given in table 9.2 have been corrected for foreshor¬ 
tening due to thermal motion. For each molecule, the observed thermal 
parameters of the non-hydrogen atom backbone were fit to generalized 
rigid-body motions by the method of Schomaker and Trueblood [1968]. 
The calculated rigid-body librations were then used to derive corrections 
to the C-C, C-N and C-O bond distances. The minimum correction of 
Busing and Levy [1964], which sets a lower bound on the corrected 
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distances, was applied to the C-H and N-H bond distances. Both types of 
corrections are generally smaller than 0.01 A. Thermal motion corrections 
to bond angles are extremely small and these have been neglected. 

9.3.2. Hydrogen bonding 

As has been mentioned previously in section 9.1, the neutron diffraction 
studies discussed in this chapter have provided a large amount of data on 
H-bonding of amino acids in the solid state. All the structures investigated 
exhibit extensive H-bonding, as is illustrated in fig. 9.2 for DL-serine. 
Here the ammonium group forms three intermolecular N-H**0 bonds. 
Two protons are donated to carboxyl group oxygens and the third is 
donated to the hydroxyl oxygen. The hydroxyl group in turn donates its 
hydrogen to the carboxyl group, forming a strong intermolecular 
O-H • • • O bond (the H • • • O distance in question is 1.692(2) A compared to 
H -O distances of 1.787(1), 1.844(2) and 1.814(1) A for the N-H---0 
bonds). As one would expect for a structure stabilized by a three- 
dimensional network of H-bonds, there is no evidence in DL-serine of 
disorder or abnormally large thermal motion. The torsional motion of the 
ammonium group (fig. 9.1) is quite restricted. If we assume this group to 
behave as a rigid body then the mean-square torsional displacement can be 
calculated using the method of Schomaker and Trueblood mentioned 
above, and if we further assume a three-fold cosine potential for the 



Fig. 9.2. Stereoscopic drawing of the molecular packing and H-bonding of DL-serine. The 
thermal ellipsoids include areas with an atomic density greater than 80%. Covalent bond, 

thick; H-bond, thin. 
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motion V(a) = Vo/20 - cos 3a), where a is the torsion angle then in the 

Z o"’ .m2! motion's a t.i.tionship between mea„-.,n»re ->P 
1 ! ° harrier he i K ht V„, is found (Schlemper et al. [1971]). For 

DL-serine this approximation gives a barrier height of >' kc ^^ 01 ^ 
SimiUr barriers were obtained for H-bonded ammonium groups in other 
fmto adds, but generally lower barriers (below 5 kcal/mo.e) were 
obtained for methyl groups. The effect of the H-bonds in.raising th 
ammonium group barriers is dramatic. Of course, a very simple model has 
been assumed in the calculation of these barriers. Because correlatl °"* 
among the motions of neighboring molecules have been neglected along 
with all effects of non-rigid body motions, the obtained values should 
probably be regarded as lower limits for the true barriers. 

P Table 9.2 indicates that the main chain N-H bond distances vary from 
1.007 to 1.083 A. The distribution of N-H distances is shown in histogram 
form in fig. 9.3 which includes values for the sp’ hybridized nitrogens in 
the arginine, asparagine, glutamine, histidine and trytophan side chains. 
These sp’ nitrogens form generally shorter N-H bonds than do the main 
chain nitrogens and the terminal nitrogen of lysine, which are all sp 
hybridized. As stated above in section 9.3.1, H-bond formation is respon¬ 
sible for this wide range observed in N-H distances, and one would 
expect that as the donor and acceptor approach one another the attractive 
forces in the H-bond increase, leading to a weakening and lengthening of 
the N-H bond. In fact, the neutron diffraction results show a good inverse 



Fig. 9.3. Histogram of N-H bond distances. Coarse shading, bonds with sp' nitrogens; fine 

shading, bonds with sp 2 nitrogens. 
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correlation between N-H and H---0 distances for N-H-O bonds, as 
indicated by the plot in fig. 9.4. Here the N-H bonds involving sp 2 
nitrogens appear to be approximately 0.02 A shorter than would be 
predicted from a curve drawn through the points associated with sp' 
nitrogens. For this latter type of hybridization, an estimate of the limiting 
N-H distance in the absence of H-bonding can be obtained from the 
dimensions of the unprotonated amino group in L-arginine-2H 2 0, which 
forms no H-bonds. The two N-H distances in this group are 1.007 and 
1.019 A, giving a mean value of 1.013(8) A, in good agreement with the 
N-H distance in ammonia of 1.015 A found by gas phase electron 
diffraction (Almenningen and Bastiansen (1955]). An inverse correlation 
between O-H and H-O distances similar to that shown in fig. 9.4 has 
also been observed for 0-H---0 bonds. 



AMINO ACIDS N-H vs O-H 

Fig. 9.4. Plot of N-H vs. 0--*H distance in bonds. Circles, bonds with sp’ 

nitrogens; squares, bonds with sp* nitrogens. 

Many of the H-bonds formed by the amino acids are significantly bent, 
as can be seen from the histogram of central angles of N-H** 0 bonds 
presented in fig. 9.5. The most severely bent bond shown here, having an 
N-H- O angle of 113°, is an unusual intramolecular H-bond in hy- 
droxyproline. The H • • • O-C angles found at the oxygen acceptor atoms 
vary from 100 to 140°. a range almost as large as that of the N-H-O 
angles. The peak in the H-O-C angle distribution does fall near 120°, 
which corresponds to the direction normally associated with oxygen lone 
pairs. However, it should be noted that there are ambiguities concerning 
the definition of lone-pair directions, since one can take linear combina¬ 
tions of the sp 2 lone-pair orbitals. 
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Fig. 9.5. Histogram of N-H • O angles. Shading as in fig. 9.3. 

In the past there has been considerable speculation about possible 
effects of H-bonding on the geometry of ionized carboxyl groups in 
crystals (see, for example. Cochran and Penfold [1952]). These effects can 
be seen clearly in the mean amino acid bonding parameters of table 9.2. 
Oxygen O' is always taken to be the closer of the two carboxyl oxygens to 
the ammonium group. Overall, there is little tendency to form in¬ 
tramolecular N-H - • ■ O bonds, so the net result is that the ammonium 
group shields O' from proton donors belonging to neighboring molecules. 
In fact. O' accepts an average of 1.4 H-bonds in these structures 
compared to an average of 2.1 bonds for O 2 . This difference explains the 
observation that the mean C-O' bond distance is 0.008 A, or 4<r less than 
the C-O 2 distance. The mean C"-C-0' angle is 1.0° larger than the 
C“-C-0 2 angle; this difference may be understood if slightly more 
double-bond character on the average is associated with C-O' than C-O 2 . 


9.4. Summary 

Neutron diffraction studies have led to the precise determination of 
H-atom positions in 18 crystalline a-amino acids. These structures are all 
stabilized by three-dimensional networks of H-bonds and significant 
differences occur among corresponding bond distances and angles for 
those groups involved in H-bonding. Specifically, there is a good inverse 
correlation between N-H and H---0 distances for N-H---0 bonds. 
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This effect is the structural analog of the decrease in A-H stretching 
frequencies which occurs in the infrared and Raman spectra of H-bonded 
materials. It would be very interesting to try to correlate N-H distances 
with stretching frequencies for the amino acids. Unfortunately, the 
absorption bands in question are very wide and it may be impossible to 
resolve the peaks due to different hydrogens. A more fruitful approach 
might be to investigate the effect of H-bonding on C-O stretching 
frequencies for the carboxyl groups. 
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10.1. Introduction 

Hydration of the proton in solution has long attracted considerable 
interest. It is unfortunately extremely difficult to character.ze the various 
hydrated proton complexes existing in solution and even more difficult to 
determine their geometries. On the other hand, a large number of hydrates 
of strong acids have recently been studied in the solid state by diffraction 
methods, and detailed information about the bonding situation for the 
hydrated proton complexes occurring in such crystals has been obtained. 
The purpose of this paper is primarily to give an extensive review of these 
diffraction results*. For completeness, information derived from quantum 
chemical calculations are also briefly discussed. Spectroscopic investiga¬ 
tions are surveyed by Williams in ch. 14. 

10.1.1. General evidence for the existence of hydrated proton 

SPECIES 

The concept of a hydrogen ion (H*) occurring as a monohydrated species in 
aqueous solution is some 70 years old. The idea was originally developed 
from studies of the acid catalysis of esterification. Goldschmidt and Udby 
[1907] suggested that the complex ion “(H 2 0, H)” be considered the carrier 
of the catalytic effect of the proton. In the following year Hantzsch [1908] 
reported freezing-point lowering and conductivity measurements in 
solutions of water in anhydrous sulfuric acid. The results suggested a 
dissociation into HSO; and HjO* ions. The name “hydroxonium” or 
shorter “hydronium” for the complex HjO* is encountered here for the first 
time. 

A few years later Bagster and Steele [1912] found that, although 
anhydrous solutions of hydrogen bromide in liquid sulfur dioxide were 
practically nonconducting, the addition of water resulted in a conducting 
fluid. Hydrogen was discharged at the cathode, bromine at the anode, and 


See also doctoral thesis by Lundgren [1974]. 
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water was transported from anode to cathode. This led to the suggestion 
that the water and the hydrogen bromide combined to form an oxonium 
compound which was electrolytic in character. Additional studies were 
undertaken by Bagster and Cooling [1920] to obtain quantitative informa¬ 
tion regarding the products formed during this electrolysis. The results 
showed that the hydrogen bromide-water compound is better formulated 
H 3 0* + Br”. 

The picture of a hydrated proton soon became more widespread. In 
1922 Madelung wrote: “Die Nichtexistenz des einfachen H-Ions in 

Losung diirfte heute feststehen-Das vermeintliche H-Ion ist also in 

wassriger Losung zweifellos mindestens an eine Wassermolekel gebun- 
den und entspricht dann als Hydroxonium OH, vollkommen dem Am¬ 
monium NH 4 mit dem einzigen Unterschiede, dass statt vier nur drei 
Wasserstoffatome an das Zentralatom gebunden sind“. The theory was 
strongly supported by the work of Fajans and Joos [1924] on molecular 
and ionic refraction. Assuming the existence of an H,0* complex, the 
observed ionic refraction fitted well into the series of observed values for 
the isoelectronic species 0 2 ~, OH and H 2 0; a poor fit was obtained, 
however, for the ionic refraction for a single proton H*. 

The high melting-point of the monohydrate of perchloric acid (+ 50°C) 
and its obvious difference from the anhydrous acid had created the belief 
that the monohydrate was really the salt oxonium perchlorate. Making the 
assumption that oxonium perchlorate (if it existed) would be isostructural 
with ammonium perchlorate, Volmer [1924] made an X-ray study of the 
two compounds. He found that both the positions and the intensities of the 
diffraction lines on the powder photographs were almost identical. This 
showed that the heavy atoms had the same spatial distribution in the two 
compounds. It was clearly impossible to ascertain whether the acid 
H-atom had been transferred to the water molecule, but it was assumed 
that the occurrence of HC10 4 instead of CIO; would lead to a structure 
sufficiently different from that of ammonium perchlorate that this differ¬ 
ence would be visible in the X-ray photographs. 

The abnormally high mobility of hydrogen and hydroxyl ions in 
aqueous solutions had led to the suggestion that the mobility of these ions 
was a result of some mechanism other than that usually used to describe 
the ion mobility (Hiickel [1928]). The doubly aquated proton, HsO^, was 
proposed by Huggins [1936] to account for this abnormal behavior of the 
proton in water. H 5 O; was then considered as consisting of a relatively 
strong, centered H-bond connecting two H 2 0 groups. Very slight simul- 
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taneous shifts of two H-nuclei within such an .on can have the effect of 
adding HjO at its one end and losing OH, at its other end. In this way the 
position of the excess positive charge in the solution is shifted. 

Twenty years later Wicke et al. [1954J found that the results of their 
measurements on the molecular heat of HCI in aqueous solution could be 
interpreted in terms of the complex H..O.\ (H.O' • 3H,0]. Certain difficul¬ 
ties in the interpretation of the IR absorption spectra in aqueous acidic 
solutions and the high proton mobility in such solutions could also be 


overcome assuming this formulation for the oxonium ion. 

Several other studies of the hydration of the proton in aqueous 
solutions have been made. Also from these experiments there is evidence 
that the four-hydrated form is predominant in solutions having a suffi¬ 
ciently high H 2 0 concentration for to be formed. For a more 

extensive discussion reference should be made to the book by Bell [ 1959] 
or to the papers by Conway et al. (1956], Clever 11963], Eigen 11963], or 
Robertson and Dunford [1964]. Details on new results with regard to the 
hydrated proton in solutions are given in ch. 15. 

Many studies have also been made of the hydrated proton in the gas 
phase. The primary ions most generally produced by the irradiation of 
water vapor by electrons, protons or a particles are H 2 0‘ and OH*. Mann 
et al. [1940] and Lampe et al. [1957] have shown that these ions react with 


water to produce H,0\ The oxonium ion so formed attaches itself to 


water molecules to form higher hydrates. In their mass spectroscopic 
studies of ions formed by electrical discharges in water vapor, Knew- 
stubb and Tickner [1963] have observed ions possessing one to six water 
molecules for each proton. Their data indicate that the bonding energy 
falls rapidly when the number of water molecules is higher than four, and 
that the complex H‘ • 4H 2 0 represents a particularly stable form. Mass 
spectroscopic data from Kebarle et al. [1967] suggest that in the lower 
hydrates (one H 2 0 to four H 2 0 or even six H ; 0) all water molecules are 
equivalent. No single structure shows dominant stability. Clustering 
reactions of this type have also been studied by De Paz et al. [1969] and 
Good et al. [1970]. 

An interesting example of the natural abundance of these hydrated 
proton complexes appeared in 1965. Using a rocket-borne mass spec¬ 
trometer, Narcisi and Bailey [1965] observed that ions of mass number 37 


(presumably H* • 2H z O) dominate the ion composition of the D region of 


the ionosphere at altitudes below 80 km. Ions of mass numbers 19 
(H* • H 2 0) and 55 (H* • 3H 2 0) were also found but in lesser abundance. 
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Initially it was suspected that these ions could derive from rocket-borne 
moisture. A repetition of the observations under different conditions, 
however, confirmed that the proton hydrates do in fact dominate the 
positive-ion composition at these altitudes. 

10.1.2. Early structural studies of hydrated proton complexes 

The mass spectroscopic experiments mentioned above provide informa¬ 
tion on reaction mechanisms, reaction rate constants and equilibrium 
constants. On the other hand, they say nothing about the geometry of the 
complexes formed. Similarly, studies of the proton in solutions can give 
information about the composition of the complexes, but provide very 
little information about their geometries and bonding arrangements. 

In some cases, spectroscopic studies of crystalline compounds contain¬ 
ing hydrated proton complexes may shed some light on the bonding 
coordination of the proton in solids. The development of nuclear magne¬ 
tic resonance techniques in the late 1940s provided a new and powerful 
tool for the study of hydrogen-containing compounds. Attention was thus 
once again focused on the oxonium ion. Concurrent studies by Richards 
and Smith [1951] and Kakiuchi et al. [ 1951J reported the NMR spectra of 
some acid hydrates. Richards and Smith [1951] measured the spectra for 
protons in the crystalline monohydrates of nitric, perchloric and sulfuric 
acid, and in the dihydrate of oxalic acid at about - 180°C. The absorption 
curve for perchloric acid monohydrate at 0°C was also obtained. The 
results showed that the solid monohydrates of nitric, perchloric and 
sulfuric acid probably contain the oxonium ion and that oxalic acid 
dihydrate does not. The absorption curves for the three monohydrates 
were characteristic of a three-spin system comprising three H-atoms at 
the corners of an equilateral triangle. The distance between the H-atoms 
in such an arrangement was found to be 1.72(2) A. The H-H separation in 
HC10 4 • H 2 0, as found by Kakiuchi et al. [1951], was 1.58 A. Since only 
the H-H separation can be obtained in these experiments, it is impossible 
in the absence of further information to determine the shape of HjO\ 
Richards and Smith suggested a reasonable value for the O-H distance to 
be 1.02 A. Using the H***H distance of 1.72 A, this then leads to an 
H-O-H angle of 115°. The narrow absorption line found for HCIO 4 • H 2 0 
at 0°C indicates that the oxonium ion undergoes molecular reorientations 
in the crystal. 

Further NMR studies by Smith and Richards [1952] of crystalline 
hexachloroplatinic acid dihydrate, selenic acid monohydrate and sulfuric 
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acid dihvdrate at liquid air temperature suggested that their formulae 
should be written tfMJfcPtCl.. H.OHSeO. and (H ,ObSO. respect.vely. 

Andrew and Finch [1957] have compared theoretical NMR spectra 
triangular arrangements of H-atoms departing by var.ous degrees fro 
equilateral shape with spectra recorded by Richards and Smith [1951] 
HNO> • H 2 0 and HCIO. ■ H ; 0. They conclude that, if the oxonium ion in 
these compounds is not equilateral, then it does not depart from an 

equilateral shape by more than 10%. . . 

Infrared spectroscopic studies of the H,0' ion in solid acid hydrates 
reported by Bethell and Sheppard [1953] and Ferriso and Hormg 
[1953,1955] showed that the spectra closely resembled that of ammonia, 
exhibiting the four fundamental frequencies for a symmetric pyramidal 
complex. It could thus be concluded from these NMR and IR studies that 
the monohydrates of these strong acids exist as ionic crystals and that the 
oxonium ion is an almost regular pyramidal complex. No information 
could be obtained, however, as to the O-H bond lengths or H-O-H 


angles. 

The Raman spectra of the solid monohydrates of perchloric, sulfuric 
and nitric acid, and of the dihydrate of sulfuric acid were examined by 
Millen and Vaal [1956J. It was concluded from a comparison with the 
Raman spectra of other salts of these acids, that the spectra were 
consistent with ionic structures corresponding to oxonium salts. Absorp¬ 
tion lines corresponding to the anions were found, but in no case were any 
lines observed which could be attributed to a cation. In the infrared 
investigations mentioned above the lines attributed to the oxonium ion 
were found to be unusually broad, having half-widths of about 
150-300 cm' 1 even at low temperatures. The breadth of the lines undoub¬ 
tedly contributes to the difficulty of their detection in Raman spectra. 
Similar results were also obtained by Mullhaupt and Hornig (1956) and 
Taylor and Vidale [1956J who studied the Raman spectra of solid 
perchloric acid monohydrate. 

A review of this early spectroscopic work on HjO" has been given by 
Giguere [1966J. 

From a low-temperature X-ray diffraction study of nitric acid 
monohydrate, Luzzati [1951] concluded that the compound exists in a 
non-ionized form. On the basis of the different lengths of the N-O bonds 
(1.20, 1.24, 1.29 ±0.06 A) it was suggested that the acid H-atom is bonded 
to the NOj group. In view of the standard deviations quoted, however, 
these distances are not significantly different. Similar considerations led 
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to a non-ionized formulation for sulfuric acid monohydrate following an 
X-ray study by Bourre-Maladiere [1958]. The investigation of nitric acid 
trihydrate suggested the appropriate formulation H,0*N0T • 2H z O (Luz- 
zati [1953]). 

The NMR spectrum of perchloric acid monohydrate at 0°C indicated 
that the oxonium ion undergoes reorientations in the solid, and that these 
probably occur about more than one axis (Richards and Smith [1951]). An 
X-ray structure determination reported by Lee and Carpenter [1959] and a 
neutron diffraction study by Smith and Levy [1959] of the room tempera¬ 
ture phase confirmed the orientational disorder of the oxonium ion. 

The crystal structure of the low-temperature phase of perchloric acid 
monohydrate (stable below - 30°C) was determined by Nordman [1962]. 
The formulation HjO'CKX was confirmed, but no detailed information 
about the geometry of the oxonium ion could be obtained. Since X-rays 
are scattered by electrons, the X-ray diffraction method is unsuited to the 
accurate determination of the position of the nucleus of a H-atom 
covalently bonded to another atom. The electron distribution in such a 
situation is certainly not spherically symmetric about the H-nucleus. 
Furthermore, the low diffracting power of the H-atom also makes its 
detection difficult in the presence of heavier atoms. In the structure of 
HC1 • H 2 0 the oxygen atom is situated on a threefold axis in the space 
group chosen, and the oxonium ion thus possesses Cj v symmetry (Yoon 
and Carpenter [1959]). As in the case mentioned above only approximate 
dimensions of the H,0‘ ion could be obtained in these experiments. 

In a series of X-ray diffraction investigations of H-chloride and 
H-bromide dihydrates of metal-ethylenediamine complexes, it was found 
that the two water molecules are bonded to one another across a center of 
symmetry, suggesting the existence of the group [H?0 • • • H • • • OH 2 ]*. The 
O • • • O distances were in the range 2.56-2.66 A (Nakahara et al. [1952] and 
Ooi et al. [1959, I960]). 


10.2. General topology of the hydrated proton 

In this section a discussion will be given of some possible bonding 
situations which may arise in hydrated proton complexes. These com¬ 
plexes are shown schematically in fig. 10.1. The hydrates depicted in the 
figure include aggregates in which all water molecules are bonded directly 
to the proton, and aggregates in which water molecules are bonded to the 
primary protonated complexes H 3 CT and H 5 OJ in an inner (or primary) 
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Fig. 10.1. Schematic representation of some possible hydrated proton complexes. 
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solvation shell. Complexes involving cyclic structures or bifurcated 
bonds are not considered. 

10.2.1. H,CT 

The H 3 0* complex is known from infrared, NMR and X-ray diffraction 
studies to be a nearly flat pyramidal ion in which all three H-atoms are 
virtually equivalent (fig. 10.1(b)). A clearly unsymmetrical H*-OH 2 
complex of the type shown in fig. 10.1(a) has yet to be identified. No exact 
information as to the conformation of the H 3 O* species has been obtained 
until quite recently, however, when the crystal structures of two 
monohydrates of strong acids were studied by neutron diffraction techni¬ 
ques (see section 10.4). Because of the equivalence of the three protons, 
the complex shown in fig. 10 . 1 (b) should strictly not be considered as a 
monohydrated proton but rather as a distinct chemical entity: an oxonium 
ion, HsO*. The term “oxonium” should be used for the complex HsO* and 
other names such as “hydroxonium” or “hydronium” should be avoided. 
“Hydronium” has often been used to identify any hydrated proton 
H* • n H 2 0. However, IUPAC recommends the use of the term “hydrogen 
ion” in cases in which the degree of hydration is of no particular 
relevance to the matter under consideration (IUPAC Nomenclature of 
Inorganic Chemistry [1970)). 

10.2.2. H 5 O 2 * 

In the diaquahydrogen ion, [H 2 0-• • H • •’0^1% (fig. 10.1(c)) the two 
water molecules are bonded to the proton with almost equal strength, 
forming a complex in which the H-atoms are not all equivalent. Ideally, 
the O • • • H • • • O bond is symmetric; the proton is situated, for example, on 
a center of symmetry, a twofold axis or a mirror plane perpendicular to 
the 0-0 bond. If the two ends of the complex are not oriented in the 
same way with respect to the proton or have a different environment, the 
H • • • O bond energies are likely to be different and hence the H • • • O bond 
lengths may be unequal, giving a non-centered H-bond. It may be noted 
that the same configuration having a non-centered O • • • O bond can also 
be obtained by the addition of a water molecule to an oxonium ion, so 
distorting it from its ideal C 3 v symmetry. The H 5 OJ complex may thus be 
considered as H 3 O* • H 2 0 (aquaoxonium ion, fig. 10.1(d)) or as a (some¬ 
times distorted) diaquahydrogen ion. It is therefore necessary to study not 
only the direct hydration of H* but also the hydration of H 3 0* and H 5 OJ 
to fully cover the subject of the hydrated proton. 
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10.2.3. H 7 O; and H 9 O; 


It is unlikely that a triaquahydrogen ion, as drawn in fig. 10.1(e) or any 
higher hydrates can be found in which all water molecules are directly 
bonded to the proton. The small size of the H-ion itself will make any high 
coordination of water molecules most unlikely. Species possessing a 
central proton and their possible hydrates will not be considered here. 
However, some support for the existence of such complexes is claimed 
from mass spectroscopic experiments carried out by Kebarle et al. [1967]. 
Their results suggest that all water molecules are equivalent in hydrates 


possessing up to four water molecules. 

It is seen from fig. 10.1 that a species with a given empirical formula 
may be represented by complexes of different configuration. Thus, a 
complex represented by the formula HtOj* may be the dihydrate of the 
oxonium ion, H,CT • 2H.O (fig. 10.1(f)) or the monohydrate of the dia- 
quahydrogen ion, H,0 2 * • H 2 0 (fig. 10.1(g)). The structure H* • 3H 2 0 
having a central proton has already been discussed. A fourth possibility 
would be a complex as depicted in fig. 10.1(g) but with two centered 


H-bonds. Two main possibilities exist for the complex H v O;, apart from 


the unlikely case of a central proton (fig. 10.1(h)). These are: a branched 
chain structure, H,CT • 3H 2 0 or H,0; • 2H 2 0 (figs. 10.1(i), (j)), or a linear 
chain structure, H 5 O 2 • 2H 2 0 (fig. 10.1(k)). Also here we have, at least in 
principle, the possibility of more than one centered bond. 


10.2.4. h„o; and H„o; 

The addition of a further water molecule to the triaquaoxonium ion can be 
made in two ways. Either the water molecule serves as a H-bond donor in 
a bond to the oxygen atom of the central oxonium ion, or it accepts a 
H-bond from one of the water molecules in the primary hydration shell. 
However, the excessive positive charge of HjO* and H 5 0 2 makes these 
ions poorer H-bond acceptors than ordinary water molecules. A fourth 
water molecule added to the triaquaoxonium ion would thus prefer to 
accept a H-bond from another water molecule, so forming an outer 
(secondary) solvation shell, than to form a H-bond to the oxonium ion as 
depicted in fig. 10.1(1). The only hydrates left unmentioned are thus the tri- 
and tetrahydrates of the diaquahydrogen ion. These complete the inner 
solvation shell of this ion (figs. 10.1(m), (n)). 

The above discussion shows that, strictly speaking, the only “true” 
hydrate of the proton expected to occur is the dihydrate H 5 (X. The higher 



Table 10.1 

Compounds containing hydrated proton complexes which have been studied by diffraction methods. The characteristic complex present in 
the structure and the corresponding ionic formulation is also indicated. M.p.: melting point in °C (not known in several cases), XF: X-ray film 
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chemical entUy with, in the idea, case, a., three H-atoms equivalent. 

10.3. Review of diffraction results 

A considerable number of crystal structure investigations of compounds 
containing hydrated proton complexes have been reported[during; the test 
two decades; of these, about 75% have appeared since 1967.The 
investigations have generally been based on X-ray and, less frequen y, 
neutron diffraction data. The compounds discussed in this review are 
listed in table 10.1. The characteristic hydrated proton complex and the 
corresponding ionic formulation of each compound is also indicated. In a 
few higher hydrates it is rather difficult to characterize the structures in 
terms of well-defined complexes. This makes the classification of such 
compounds less straightforward. 

Stereoscopic illustrations of a representative selection of the crystal 
structures studied are shown in figs. 10.2-10.12. The crystallograph.cally 
non-equivalent oxygen atoms of the water molecules are numbered 1, 2, 
3 etc. in the figures, and the lengths of the H-bonds between these 
atoms have also been indicated. For the sake of clarity the H-atoms have 
not been included in these illustrations. 




HBR.H 2 0 


hbr.h 2 o 


Fig. 10.2. HBr-HjO (Lundgren (19701). Isolated water molecules. C, v symmetry for the 
oxygen sites. Space group R3m (No. 160). (International Tables for X-ray Crystallography 
[1962J.) All crystal structure illustrations in this review have been drawn using the plotting 
program ORTEP (Johnson (19651). The H-atoms have been omitted in figs. 10.2-10.12. 

H-bonds are open and covalent bonds are filled. 
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Fig. 10.3. H 2 S0 4 -2H 2 0 (Tacslcr and Olovsson (1969J). Isolated water molecules. No 
symmetry of the oxygen sites is implied by the space group. Space group C2/c (No. 15). 



Fig. 10.4. HCI*2H 2 0 (Lundgren and Olovsson [ 1967a)). The two crystallographically 
independent water molecules are H-bonded together by a very short bond, 2.41 A, to form 
isolated pairs. E.s.d. of 0-0 distance: 0.007 A. Space group P2,/c (No. 14). 
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Fig. 10.5. HCI0 4 -2H,0 (Olovsson f 1968)). The water molecules arc H-bondcd together by a 
very short bond. 2.42 A. across a center of symmetry to form isolated pairs. E.s.d. of O • O 

distance: 0.009 A. Space group Pnma (No. 62). 



Fig. 10.6. C*H,Br 2 S0,H-3H,0 (Lundgren (I972aj). Three water molecules arc H-bondcd 
together to form an isolated group. No symmetry elements relate the three O-atoms in such a 
group. E.s.d. of O • • • O distance: 0.009 A. Space group P2/c (No. 13). 


Inspection of the bonding arrangement of the protons and water 
molecules in these compounds suggests that the compounds can be 
separated into two main groups: 

1. Compounds containing isolated arrangements of one to three water 
molecules and a proton. 

2. Compounds containing infinite arrangements of water molecules 
and protons. 
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Fig. 10.7. HC1-3H,0 (Lundgrcn and Olovsson (1967b]). The water molecules are H-bonded 
together to form infinite chains extending in the b direction. One O • • • O bond is very short, 
2.43 A. the other two independent O• • • O bonds are longer. 2.65 and 2.75 A. E.s.d. of O • • O 
distances: 0.010-0.012 A. Space group Cc (No. 9). 
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Fig. 10.8. C*0 2 (N0 2 MOH),-6H 2 0 (Andersen [1971]). The structure has three crystallog- 
raphically non-equivalent water molecules, two of which participate in infinite H-bonded 
chains parallel to the c axis. The third water molecule is bonded to this chain by a very short 
0-0 bond, 2.44 A. E.s.d. of 0-0 distance: 0.003 A. Space group P2,/c (No. 14). 
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hbr.*h 2 o HBR.4H 2 0 


Fig. 10.9. HBr4H>0 (Lundgrcn and Olovsson 11968)). The eight crystallographically 
non-equivalent water molecules are H-bondcd to form chains extending in the b direction, 
with five-membered rings of water molecules sharing one side with the chains. The O- -O 
distances are in the range 2.47 to 2.80 A. E.s.d. of O • O distances: 0.013-0.015 A. Space 

group P2, (No. 4). 



Fig. 10.10. C.H,(NO,),SO,H 4H,0 (Lundgren (1972b]). The structure contains water 
molecules H-bonded together to form layers parallel to the ac plane. Chains of water 
molecules parallel to the a axis are interconnected via H-bonds to pairs of water molecules 
which are in turn H-bonded to one another by a very short bond. 2.43 A. Other 0-0 
distances between water molecules are in the range 2.61 to 2.88 A. E.s.d. of 0---0 
distances: 0.002-0.003 A. Space group Pi (No. 2). 
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Fig. 10.11. HCI0 4 -3H,0 (Almlof (1972)). The water molecules of this structure are H- 
bonded together to form layers parallel to the ac plane. Two of the four independent 
H-bonds between the water molecules are rather short, 2.48 and 2.54 A, the others are 
longer. 2.75 and 2.83 A. E.s.d. of O - O distances: 0.004-0.005 A. Space group Pbca 

(No. 61). 



Fig. 10.12. HCI04-3JH 2 0 (Almlof (1973)). The water molecules are H-bonded together to 
form a three-dimensional network. The 0 --0 distances are in the range 2.48 to 2.93 A. 
E.s.d. of O • • • O distances: 0.004-0.005 A. Space group Pbca (No. 61). 
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The term "isolated" here and in the following text is to be taken to mean 
that the hydrated proton complex is not H-bonded to other such complex 

0 r T W hr r di—' of 0-0 bond distances between the w-r 

molecules* in the compounds discussed in th.s rev.ew IS shown tab ^ 
10.2 (compounds having isolated H.O* complexes contain no O O 
H-bonds of this type). Some of the more complicated compounds have 
purposely been omitted from the discussion; in such cases attention has 
generally been focused on features other than proton hydration, and 
insufficient detail has been provided for the present purpose. 

The average O — O distance for isolated arrangements consisting ot 
two water molecules and one proton is 2.44 A; the corresponding value 
for isolated arrangements comprising three water molecules and one 
proton is 2.45 A. In the group of compounds containing infinite arrange¬ 
ments, the O - O distances range from 2.43 A to the values typical for a 
normal H-bond between water molecules (e.g. in ice, 2.76 A); even longer 
distances are found in some cases. 


10.4. Structures of the hydrated proton complexes 

Details of the bonding situation in the various structures are described in 
this section with the emphasis laid on the local bonding situation of the 
hydrated proton complexes with the empirical formulae H,0% H 5 O 2 , 
H,Or and H*0;. In cases where these complexes are isolated their 
formulation presents no difficulties. When the complexes are H-bonded to 
other water molecules the criterion used for characterizing them is that 
the H-bonds within such a complex are always significantly shorter 
(—0.2 A) than the H-bonds to other water molecules. Using this criterion 
the formulation of the complexes is in most cases straightforward. In 
higher hydrates, however, the complexes tend to be less well-defined. 
Some details of such cases will also be given. Formulations corresponding 
to complexes having more than four water molecules, such as H.iO? and 
H„ 0 :, have not been needed in the structures so far investigated. 

10.4.1. H 3 CT 

In all compounds containing the isolated oxonium ion, H 3 CT, the ion is 
surrounded by three neighbors in a pyramidal arrangement as shown in 
fig. 10.13. 

* The proton transferred from the acid is bonded to one or more of these water molecules. 
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(c) Infinite groups of water 
molecules + protons 
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Fig. 10.13. The oxonium ion in solids is surrounded by three neighbors in a pyramidal 

arrangement. 


The average values of the bond distances and angles to the acceptor 
atoms are given for the various compounds in table 10.3. In most cases the 
acceptors are oxygen atoms, but chloride and bromide ions also appear in 
the list. The individual bond angles vary significantly, from 98° to 133° 
with an average of 109°, so that the pyramidal arrangement around the 
central oxonium ion is sometimes considerably distorted. Similarly, the 
distances to the three acceptor atoms can differ significantly. These 
distances are naturally considerably longer when the acceptors are not 
oxygen atoms but chloride or bromide ions (cf. table 10.3). A rough 
correction for this effect can be made by subtracting the difference in Van 
der Waals radii for chlorine (or bromine) and oxygen. The radii used are 
r 0 = 1.40 A, rci = 1.81 A, r B r = 1.95 A. The agreement is seen to improve, 
although a slight over-correction is obtained: the average O- • O distance 
taken over all compounds is 2.57 A, whereas the corrected 0---X 
distance is 2.52 A. 

Only a few cases have so far been studied by neutron diffraction 
techniques: p-CHjCaFLSOjH • H 2 0 and CF 3 SO 3 H • H 2 0. In these cases 
the oxonium ions are ordered. Thus, the problems associated with 
dynamic or static disorder, as experienced in the early neutron studies of 
the room-temperature modification of HCIO 4 • H 2 0, do not arise here. 
Also in neither compound does symmetry impose a restriction on the 
conformation of the HjO* ion. 

The arrangement around the H 3 CT ion in P-CH 3 C 6 H 4 SO 3 H • H 2 0 is 
illustrated in fig. 10.14. The H-bond acceptors are situated at the corners 
of a slightly distorted equilateral triangle; the 0 -0 separations in the 
H,(T •••~0 3 S bonds are almost identical (2.53± 0.01 A). This virtual 
threefold symmetry in the distribution of H-bond acceptors together with 
the equivalence in the H-bond accepting power of the sulfonate oxygen 
atoms is the probable reason for no noticeable deviation from C 3v 
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XF: X-ray film data, XC: X-ray diffractometer data, N: neutron data. 

T is the temperature at which data were collected. RT: room temperature. 
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Fig. 10.14. Geometry of the oxonium ion and its environment in /Moluenesulfonic acid 
monohydrate (Lundgren and Williams (19731). Distances and angles around H.O‘ involving 
only the non-hydrogen atoms are given in the left figure and distances and angles also 
involving H-atoms are given in the right figure. Thermal ellipsoids are scaled to enclose 50% 

probability. 


symmetry being found for the HjO* ion. The O-H distances are identical 
to within one standard deviation; the average bond length is 1.011 A. The 
H-O-H angles are also almost the same; the average value is 110.4°. Only 
a slight bending of the O-H-O bonds is needed to compensate for the 
deviation in the O • • • O • • • O angles from their ideal values; the O-H • • • O 
angles are 172, 174 and 178°. 

The crystal structure of CF,SOjH • H 2 0 presents a more asymmetric 
environment for the H s O* ion (fig. 10.15). The O • •• O hydrogen bonds do 


cf 3 so 3 hh 2 o 



Fig. 10.15. Geometry of H,0‘ and its environment in trifluoromethanesulfonic acid 
monohydrate (Lundgren et al. (19751). Thermal ellipsoids are scaled to enclose 50% 

probability. 
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not all have the same length and the 0-0-0 angles are also very 
different. Nevertheless the geometry of the oxonium ion is reasonably 
regular. The incorporation of the oxonium ion in the structure results in a 
moderate distortion of the ion from its ideal C 3v symmetry and in the 
formation of bent O-H-0 bonds. The O-H-O angles assume the 
values 161, 170 and 171°. It should be noted that the longest (and weakest) 
H-bond, 2.673 A, is also the most bent. The differences in O-H bond 
distances are also in agreement with the general tendency expressed in fig. 
10.16, which illustrates the well-known relation between O-H and 0-0 
distances. 



Fig. 10.16. O-H distance as a function of O - O distance, (Jonsson (1973)). 


The oxonium ions so far studied by neutron diffraction techniques thus 
tend to form regular flat pyramids. The distance from the oxygen atom to 
the base of the pyramid is 0.322 A in oxonium p-toluenesulfonate and 
0.272 A in oxonium trifluoromethanesulfonate. 

As mentioned in the Introduction, only limited structural information 
on the oxonium ion can be obtained using spectroscopic techniques. 
O’Reilly et al. [1971b] have been able to calculate the complete geometry 
of the oxonium ion in oxonium perchlorate on the basis of deuteron and 
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proton magnetic resonance data. Measurement of proton second mo¬ 
ments and proton spin-lattice relaxation times give the H • • • H distance in 
HjO*; measurement of the quadrupole coupling constant gives the angle 
between the O-D bond and the threefold axis of D*0*. These results 
suggest a very flat conformation with a H-O-H (D-O-D) angle of 
118.5(7)° and and O-H (O-D) bond distance of 1.01(2) A. 

The oxonium ion is a strong H-bond donor, as illustrated by an average 
0-0 distance to its neighbors of 2.57 A (table 10.3). In as much as the ion 
is a strong H-bond donor, it is also expected to be a weak H-bond acceptor 
as compared to a neutral H 2 0 molecule. The isolated H»0* ion does not in 
fact accept a H-bond in any of the compounds studied so far. 

It should be pointed out that there is only one water molecule for each 
proton in all the compounds discussed here; no extra water molecules 
occur in the structures. Note also that both protons in the diprotic acids 
(such as H 2 S0 4 ) are transferred to the water molecules to form HjO* ions. 
Several quite reasonable alternative arrangements could readily have 
been suggested for H 2 S0 4 • 2H 2 0, for instance H*0*HS0 4 *H 2 0 or 

h,o:hso;. 

10.4.2. H 5 0 2 * 

In the cases just discussed only one water molecule occurs for each 
proton, so that the formation of H,0‘ would not seem too surprising here. 
The situation is less obvious when more than one water molecule is 
available for each proton. Consider, for example, the higher hydrates of 
HC1. Both HC1 • 2H 2 0 and HC1 • 3H 2 0 have been studied by X-ray 
difFraction at liquid nitrogen temperature. General views of these struc¬ 
tures were given in figs. 10.4 and 10.7. The detailed local bonding situation 
in HC1 • 2H 2 0 is illustrated in fig. 10.17. Two water molecules are coupled 
to one another by a very short H-bond, 2.414(7) A. The bonding arrange¬ 
ment around each oxygen atom is pyramidal (nearly flat for one of them). 
Even without a precise knowledge of the location of the H-atoms, the 
formulation H5O2CI" would appear the most reasonable for this com¬ 
pound. The absence of a crystallographic symmetry element at the center 
of the bond means that no requirement is imposed that the bond be 
symmetric, although the bond length falls in the range where centered 
H-bonds may be expected (see further below). The conformation of the 
H5O2 ion is gauche. 

The structure of HC1 • 3H 2 0 is shown in fig. 10.18. Here two water 
molecules are coupled by a short H-bond, 2.434(10) A, to form a H 5 0 2 ion. 
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Fig. 10.17. H.o: in hydrochloric acid dihydrate (Lundgren and Olovsson (1967a)). The 
H-atoms are schematically placed on the bonds connecting the heavy atoms. Distances refer 

to non-hydrogen atoms. 



Fig. 10.18. H,0: in hydrochloric acid trihydrate (Lundgren and Olovsson (1967b)). The 
H-atoms are schematically placed on the bonds connecting the heavy atoms. Distances refer 

to non-hydrogen atoms. 


Also here each oxygen of the ion is pyramidally surrounded by three 
neighbors and no crystallographic symmetry operation acts at the center 
of the O • • • O bond. The conformation is gauche. The bonding situation of 
the third water molecule is quite different: it is tetrahedrally surrounded 
by four neighbors and the distances to these are close to those expected 
for a normal water molecule. The proper formulation of the trihydrate is 
therefore HsOjCP • H 2 0. 

Compounds in which the bonding situation has been described in terms 
of H 5 OJ are listed in table 10.4. Some of the compounds have the “ideal” 
composition, two water molecules per proton, but many higher hydrates 
are also found here. The average 0-0 distance in the HsOJ ion is 2.44 A 



Table 10.4 

Compounds containing the H,Oj ion. Average values of distances and angles (cf. text to table 3).The dihedral angle of H,0,’ is the angle 
between the planes formed by the central O • • • O bond and the bisector of the outer O • • • X bonds of each end 
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and the symmetry situation at the center of this H-bo«id varies, no 
symmetry, center of symmetry or twofold axis. The conformation also 
varies considerably, from twisted ( gauche) forms to a regular irons form. 
The dihedral angle of H,0 2 * is given in table 10.4. This is the angle between 
the planes formed by the central 0-0 bond and the bisectors of the 

outer X — O — X angles at each end. 

In all cases the oxygen atoms of the HsOJ ion have a pyramidal 
environment (figs. 10.17-10.22). The angles subtended at the oxygen 
atoms involving the two outer H-bonds are generally smaller than the 
angles involving one outer H-bond and the short O • • • O bond (table 10.4). 
The average values taken over all compounds are 105 and 117°, respec- 


C 6 H 2 (N0 2 1 3 S0 3 H-4H 2 0 




Fig. 10.19. The asymmetric H,0 : * ion in picrylsulfonic acid tetrahydratc (Lundgren and 
Tellgren (1974)). Thermal ellipsoids are scaled to enclose 30% probability. 



Fig. 10.20. The asymmetric H,(X ion in nitranilic acid hexahydrate (Williams and Peterson 
[1969a]). 0 - 0 bond distances are taken from Andersen [1971]. Standard deviations of 
distances involving H-atoms have not been published. 
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YH(C 2 0 4 ) 2 -3H 2 0 


f7.. . : 0.001-0 003 A 

0181. 

<W S 02 -° 3, 


Fig. 10.21. The symmetric H,0; ion in yttrium H-oxalate trihydrate (Johnson and Brunton 
[ I972J). The two halves of the ion are related by a twofold axis lying horizontally in the plane 
of the paper. Thermal ellipsoids are scaled to enclose 50% probability. 



HAuCI 4 • 4H 2 0 


(7: not published 


Fig. 10.22. H,0,‘ in H AuCI 4 -4H,0 (Williams and Peterson (1969b)). The structure shows two 
distinct off-bond-line disordered hydrogen positions in the O(l)"*0(1) bond with a 
separation of 0.62 A. The symmetry of the H«OJ complex is 2/m. The 0(1 )-H • • 0(1) angle is 

172°. 


tively. The distances to the outer neighbors (table 10.4) show that the 
H 5 O 2 ion is a stronger H-bond donor than a normal water molecule, but 
weaker than the H»0* ion: the average O • • • O distance to the neighboring 
oxygen atoms for HsOJ is 2.70 A, as compared to 2.57 A for H 3 0\ This is 
a natural consequence of the extra proton being shared between two 
oxygens in H 5 O 2 . In this connection, each oxygen in H 5 O 2 is expected to 
be a somewhat better H-bond acceptor than the oxygen atom in HjO\ 
However, they are evidently still not sufficiently good acceptors, since in 
no case is a fourth H-bond accepted by the oxygen atoms, so that only 
three neighbors occur around each oxygen. This is in complete analogy 
with H 3 O*. 

Neutron diffraction techniques have been applied in five cases: 
C 6 H 2 (N0 2 ),S03H • 4H 2 0, C 6 0 2 (N 02 ) 2 (OH ) 2 • 6 H 2 O, YH(C 2 0 4 )2 • 3H 2 0, 
HAuCL • 4H 2 0 and Co(en 2 )Cl 3 • HC1 • 2H z O (en = ethylene diamine, pre- 
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liminary study). The H,(>; ion and its immediate environment is illus¬ 
trated for the first four of these compounds in figs. 10.19-10.22. 

The most interesting feature in the geometry of the Hs0 2 ion is of 
course the location of the proton in the short H-bond. The crystal 
structures of three of the compounds studied by neutron diffraction 
involve a symmetry element at the center of this bond; the other two 
compounds have no such symmetry restriction. The occurrence of a 
symmetry element is one of the main difficulties in accurately locating a 
H-atom by diffraction methods. It is impossible to ascertain from diffrac¬ 
tion methods alone whether or not an atom lies precisely on a symmetry 
element. The presence of a center of symmetry is consistent with a single 
H-atom at the center of the bond or two statically or dynamically related 
H-atom sites on either side of the symmetry center. However, even in the 
absence of a symmetry operation, one cannot be certain that the potential 
function for the H-atom is of a (symmetric) single-minimum type without 
carefully analyzing the thermal motion of the nuclei. In any case, the 
distinction between a symmetric double-minimum potential and a single¬ 
minimum potential is, in practice, often of a highly tenuous nature. The 
two minima in the former case can be close together, while in the latter 
case, the breadth and shallowness of the potential can mean that the 
vibrational amplitude of the proton is greater than for other types of 
potential curves. In both cases the position of the proton may be smeared. 
To reduce the effect of thermal motion, investigations of this type should 
be carried out at as low a temperature as possible. 

It has been suggested by Rundle [1964) that the isotope effect, i.e. the 
change in the length of the short H-bond on substituting deuterium for 
hydrogen, can be used to differentiate between single- and double¬ 
minimum H-atom potentials (see later). 

The structures of C 6 H 2 (N0 2 ),S0,H • 4H 2 0 and C 6 0 2 (N0 2 ) 2 (0H) 2 • 6H 2 0 
(figs. 10.19 and 10.20), where no symmetry operates on the short 0 -0 
bonds, display non-centered H 5 OJ ions. In the first case the proton is 
found 0.09 A from the center of the practically linear H-bond. The O • • • O 
distances to the outer neighbors on the one side of the H,OJ ion, 2.60 and 
2.62 A, are shorter than those on the other side, 2.68 and 2.73 A. This 
situation is repeated in the second case (fig. 10.20); the distances to the 
neighbors on the one side are 2.71 and 2.72 A, and those on the other side 
are 2.75 and^2.79 A. The proton in the short 0---0 bond is accordingly 
shifted 0.05 A from the center of the bond. 

A combination of X-ray and neutron diffraction data has been used to 
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study the valence electron distribution in the non-centered H*C >2 ion in 
picrylsulfonic acid tetrahydrate. The quantities (F x — F N ), used as coeffi¬ 
cients in Fourier summations, were calculated from a combination of 
X-ray data and neutron parameters. F x is the observed structure factor 
amplitude from the X-ray study; F N is calculated using positional and 
thermal parameters found in the neutron study and spherical atomic 
X-ray scattering factors for the different atoms. The X-N difference maps 
so obtained thus show the deviation from spherical symmetry of the 
electron distribution around the nuclei. Fig. 10.23 shows the X-N map in 
the plane defined by atoms OW2, OW3 and H32 of the H*0? ion. The 
OW2--OW3 distance is 2.436 A. The water molecule OW4 is bonded to 
the H 5 O 2 complex by a considerably longer H-bond, 2.604 A. In spite of 



Fig. 10.23. C ft H,(N0 2 ),S0iH-4H,0 (Lundgren and Tcllgren (1974]). X-N difference map in 
Ihe plane defined by atoms OW2. OW3 and H32. The distance (A) to this plane is given for 
those atoms which deviate by more than 0.10 A from the plane. Contour intervals are at 
0.06 e /A*; zero and negative contours are dashed. The H-atoms H12, H13, H42 and H43 

occupy disordered sites. 
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the .arge difference in 0-0 bond lengths, the electron d.stnbut.on« 
very much the same in the two bonds. The OW2-end of the H,C) ; .on can 
thus be regarded as a water molecule very strongly bonded to an oxomum 

10 " n YH(CiO<)i • 3H 2 0 (fig. 10.21), the two halves of the H,OJ ion are 
related by a twofold axis perpendicular to the O ■ • • O bond. The proton is 
thus forced by symmetry to be at the center of the bond. The ellipsoid 
representing the thermal motion of this central H-atom is markedly 
elongated in the bond direction. The root-mean-square displacements 
along the ellipsoid axes are 0.16, 0.22 and 0.31 A, respectively. As already 
discussed, however, it is practically impossible to differentiate, on the 
basis of diffraction data alone, between two overlapping disordered 
hydrogen peaks and a truly single central peak. 

The thermal motion of the H-atom relative to the O-atoms in the short 
0---0 bond in YH(C 2 0<) 2 • 3H 2 0 is shown in fig. 10.24(a). The thermal 
ellipsoid of the H-atom represents the difference between the thermal 
motion of the H-atom itself and the O-atoms to which it is bonded. The 
motion is mainly in the direction of the bond. The root-mean-square 
displacements along the difference ellipsoid axes are 0.05, 0.11 and 0.24 A, 
respectively. The angle between the longest axis and the O • • • O bond is 
5°. The corresponding difference thermal ellipsoid for the H-atom in the 
short 0"0 bond of the non-centered H,Oi ion in picrylsulfonic acid 
tetrahydrate is illustrated in fig. 10.24(b). Here also the motion of the 
H-atom is mainly in the bond direction. The r.m.s. displacements along 
the ellipsoid axes are 0.03, 0.07 and 0.17 A, respectively. The angle 
between the longest axis and the 0---0 bond is 5°. 



1 H 1 



Fig. 10.24. Difference thermal ellipsoids of the H-atom in the central O • • * O bond of: (a) the 
symmetric H 5 0 2 ‘ ion in yttrium H-oxalate trihydrate (Johnson and Brunton (19721). The root- 
mean-square displacements along the ellipsoid axes are 0.05. 0.11 and 0.24 A; (b) the 
asymmetric H s Oj ion in picrylsulfonic acid tetrahydrate (Lundgren and Tellgren (1974]). 
The r.m.s. displacemements are 0.03. 0.07 and 0.17 A. The thermal ellipsoids are scaled to 

enclose 509£ probability. 
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A preliminary neutron diffraction study of Co(en?)Cl, • HC1 • 2H>0 
reports an O • • • O distance of 2.50(3) A in the H<C >2 ion (Williams (1967)). 
A center of symmetry relates the two halves of the ion. Discussion of the 
H 5 O 2 ion in this compound must await a redetermination of the structure, 
and a refinement in which anisotropic thermal vibration parameters are 
used for the atoms. 

The conformation of H 5 O 2 deduced from the position of the H-bond 
acceptors (X) indicates that the oxygen atom at each end of the ion has a 
pyramidal bonding coordination. The outer X • • • O • • • X angles tend to be 
smaller than the inner X **0 - 0 angles. This general observation is 
valid even if H-O-H angles are considered. The outer H-O-H angles tend 
to be smaller than the inner H-O • • • H angles although the differences are 
much smaller than for the corresponding X-0--X (105°) and 
X • • ■ O • • • O (117°) angles. The average value obtained from picrylsulfonic 
acid tetrahydrate and yttrium hydrogen oxalate trihydrate are 109 and 
113°, respectively. In YH(C 2 04)2 • 3H 2 0, where the outer X-O-X 
angle is greater than the X • • • O • • • O angle, the relation is reversed when 
the H-O-H angles are considered. 

The bonding situation in HAuCl 4 -4H 2 0 (fig. 10.22), where the 0 - 0 
bond distance is considerably longer, 2.57 A, is rather unique: two 
half-hydrogen atoms are separated by as much as 0.62 A across the center 
of the O • • • O bond (site symmetry 2/m). NMR measurements by O’Reilly 
et al. [1971a) indicate phase transitions at 17°C and -55°C. The NMR 
data also suggest a dynamic rather than a static disorder for the hydrogen 
atom in the short 0---0 bond in the phases stable below 17°C and 
-55°C. The data for the high temperature phase were not readily 
reproducible and no conclusions could be drawn as to the nature of the 
hydrogen disorder. 

When accurate location of the H-atoms is not possible, certain conclu¬ 
sions concerning the position of the H-atom may still be drawn if no 
symmetry element is present in the short 0 -*0 bond. As demonstrated 
in the two cases of non-centered H 5 0 2 ions described above, a shift of the 
H-atom from the center of the short O • • • O bond is observed if a marked 
difference exists between the bonding situations at the two ends of the 
H5O2 ion. In the case of HC1 • 2H 2 0 (fig. 10.17), the distances 0---C1 are 
shorter around one end of the H 5 OJ ion (3.04 and 3.06 A as compared to 
3.09 and 3.10 A). The proton in the 2.41 A 0---H --0 bond is then 
expected to be shifted slightly towards the oxygen at this end. The same 
applies for HC1 • 3H 2 Q (fig. 10.18). In considerations of this type, how- 
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ever it is most important to take into account all .interact,ons at the two 
ends' of the ion as illustrated in ch. 8 -very short hydrogen bonds ^ 

As mentioned earlier, the isotope effect can sometimes be used to 
determine whether the potential function for the H-atom in the shor 
O ■ ■ • O bond is of an effectively single-minimum or double-minimum type. 
The qualitative arguments of Rundle [1964] have been placed or, a 
theoretical basis by Singh and Wood [1969], If the potential s of he 
single-minimum type, whether symmetric or slightly asymmetric the 
O O bond length is slightly shortened (a few thousandths of an 
Angstrom) on substituting deuterium for hydrogen (a negative isotope 
effect). If the potential has a double minimum with a potential barrier 
close to the ground levels for hydrogen and deuterium, but at least above 
the ground level for deuterium, the O • • • O bond can be lengthened by up 
to several hundredths of an Angstrom. When the barrier height is 
increased this positive isotope effect will decrease (see further ch. 8). 

The crystal structures of the normal and deuterated analogues of two 
compounds containing the H,OJ ion have so far been determined. No 
significant isotope effect is found in HjSO. • 4H-0. The change in the 
0-0 bond length is - 0.005(4) A, indicating a single-minimum potential 
and thus a truly symmetric H-bond. YH(C 2 04 )i • 3H ; 0 shows a slightly 
positive although hardly significant effect of 0.013(5) A, on the basis of 
which no clear answer can be given as to whether this bond is of a 
double-minimum or single-minimum type. It is natural that no distinct 
limit can be defined between compounds possessing one or the other of 
these two types of potential. 


10 . 4 . 3 . h,o; 

Compounds containing well-defined H 7 OJ complexes are listed in table 
10.5, and some examples are illustrated in figs. 10.9, 10.11, 10.25 and 10.26. 
All but one of these substances are trihydrates, the ideal composition for 
the formation of a H 7 Oj complex. However, in several compounds where 
three water molecules are available for each proton H 7 Oj* complexes are 
not formed, e.g. HC1 • 3H 2 0 (= HjOiCl • H 2 0). 

In the H 7 OJ complexes, a central oxonium ion is pyramidally sur¬ 
rounded by two water molecules and an oxygen atom of a sulfonate, 
carboxylate or perchlorate ion or (in HBr • 4H 2 0) a bromide ion. The 
distance to the two water oxygens is rather short, average value 2.48 A, 
whereas the third oxygen atom is considerably more distant, 2.65 A on the 
average. The distance H 3 0'-- Br" is not included here for the reason 
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Fig 10.25. H,0; and H.OI in hydrogen bromide .e.rahydra.c (Lundgrcn and Olovsson 
[19681). The .wo complexes have .he cen.ral ions H.O' (2) and H.O' (6). respectively. The 
H-atoms are schematically placed on the bonds connecting the heavy atoms. Distances refer 

to non-hydrogen atoms. 



Fig. 10.26. The asymmetric HtO,’ ion in sulfosalicylic acid trihydrate (Williams et al. [1972]). 
The 0---0 distances arc taken from Mootz and Fayos (1970). Standard deviations of 
distances involving H-atoms have not been published. The 0( 1) • • • 0(2) distance is 2.442 A. 



510 


JAN-OLOF LUNDGREN AND IVAR OI.OVSSON 


discussed earlier; the “corrected” distance. 2.62 A, is in reasonable 
agreement with the average value involving oxygen atoms. 2.65 A. Here 
again we notice that no H-bond is accepted by the central HjO‘ ion. 
Furthermore, in the two examples where an oxygen atom in one of the 
outer water molecules of an H 7 Oi complex serves as a proton acceptor 
(HCIO* • 3H 2 0 and HNOj • 3H 2 0), these bonds are rather long, 2.83 and 
2.80 A, respectively. 

The average angle O • • • H»0* • • • O involving the two water oxygens is 
116°, and the corresponding average angle including also the third H-bond 
acceptor is 115°. As in the case of the oxonium compounds (table 10.3), 
the individual angles to the heavy atoms vary considerably, from 97 to 
129°; however, one would expect the geometry of the H,0* part to be 
more regular. Only one compound has so far been studied by neutron 
diffraction, 5-sulfosalicylic acid trihydrate, C.H*COOH(OH)SO>H • 3H 2 0 
(fig. 10.26) of which some preliminary results have been published. The 
distances H 3 CT*OH 2 are rather different, 2.44 and 2.52 A. These dis¬ 
tances fall in the range where a noticeable lengthening of the O-H 
distance in H,0‘ is to be expected (fig. 10.16), whereas the third O-O 
distance, 2.68 A. should only slightly affect the O-H distance. The 
observed O-H distances of 1.10, 1.02 and 0.99 A bear out with these 
expectations. The part of the H?OC complex formed by H»0'(l)and H 2 0(2) 
is similar to the asymmetric H<0 2 ions discussed in section 10.4.2 (figs. 
10.19 and 10.20). However, a second water molecule is bonded to the H>0* 
ion so forming a discrete H 7 (X ion. The HtO»* complex in this case may be 
described as a distorted H«0‘ ion H-bonded to two water molecules. 

The formulation H 7 OJ thus arises quite naturally when isolated groups 
of three water molecules and a proton are present, even if there is 
considerable asymmetry within the ion. In cases where the H 7 OC complex 
is H-bonded to other water molecules or hydrated proton complexes (see 
for example figs. 10.9, 10.11 and 10.25). the HtOJ • • • H 2 0 hydrogen bonds 
are always considerably longer (2*0.22 A) than the H-bonds within the 
H 7 0; complex. The formulation H 7 OI is thus a good description of the 
overall structure, but alternative formulations such as HjO* • 2H 2 0 or 
H<0 2 ‘ • H 2 0 might be more appropriate for the internal structure of H 7 OJ. 

10.4.4 . h 9 o; 

The classical Eigen-type HvOI ion having a central H 3 0* part surrounded 
by three water molecules has been well characterized in only three 
compounds, HBr-4H 2 0, HCIO- • 25H:0 and HC10 4 • 3iH 2 0 (figs. 10.25, 
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10.27 and 10.28). In ,h '“ wat'.r moteTe" ““ydra.ed 

Hjo* b ,n 

tzz?. r ,c Hw —. - 


HCIO. 2jHjO 



Fig 10.27. The hydrated proton complexes in HCIO.-25H.O (Almlof ct al. 119711). 
hydrogen positions are those found from Fourier difference syntheses. D.stances refer to 

non-hydrogen atoms. 



HCI0 4 -3jH 2 0 


r/.. . : 0.004-0.005 A 

OlSt. 


Fig. 10.28. The hydrated proton complexes in HCIO^JH.-O (Almlof (I973J). The hydrogen 
positions are those found from Fourier difference syntheses. Distances refer to non¬ 


hydrogen atoms. 
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angl es within the i in^s 

considerably, from these av g structures of the hydrated 

2SSSS —- “ riI ■ 

(hS*(3) in HCIO. • 2jHjO), which is H-bonded to two water molecules. 

will be discussed later. . . u 

The H»0; complex in HBr • 4H.O, having as its central .on H,0 (6) has 

a slightly asymmetric conformation. The H.OI • • • H,0 bonds are. ho - 
ever, considerably longer (5*0.16 A) than the H-bonds w.th.n H,0. .which 
thus forms a well-defined complex with respect to its e " v,r ° n " 1 * n, „ 0 "?.^ 
the three water molecules. H,0(8). is more strongly bonded to H.O (6) 
than the others. Further. H,0(8) has a pyramidal bonding coordination 
whereas H,0(5) and H,0(7) have a tetrahedral environment. The formula- 
tion HsOJ • 2H 2 0 for the internal structure of the complex might therefore 
appear reasonable, although the 0(6) • • • 0 ( 8 ) bond distance is longer than 
the distance found in an isolated asymmetric H 5 0 2 ion. 

In HCIO4 • 2}H 2 0 and HCIO4 • 3jH 2 0, the H 9 0; complexes having 
central ions H,0*(1) and H,CT(4), respectively, have a regular conforma¬ 
tion and the O • • • O bonds within the complexes are similar (2.55-2.63 A). 
The water molecules of the complex all accept two H-bonds and have a 
(distorted) tetrahedral environment. The formulation H 9 OI would thus 
appear quite natural. The H,CT(2) ion in HCIO4 • 35H 2 0 has an asymmet¬ 
ric environment (fig. 10.28). The O-O distances are 2.48, 2.55 and 
2.68 A. H 2 0(3) has a pyramidal environment, whereas H 2 0(5) and H z O(7) 
have tetrahedral environments. Furthermore, the H3O (2) ion accepts a 
weak H-bond from a fourth water molecule. 

Some H 9 0; • • • H 2 0 bonds in HClO-^HzO and HCIO 4 • 3sH 2 0, how¬ 


ever, are only slightly longer than the H-bonds within the H 9 0 4 complex 
and the complexes tend to be less well-defined. In HC10 4 • 35H 2 0 the 
H 2 0(5) water molecule is shared between two complexes. As seen from 
fig. 10.28, possible alternative descriptions of the hydrated proton 
complexes here would be: (a) two H 9 Ol ions with one water molecule in 
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common, (b) H 7 0JH 9 04 and (c) a bridged (di-nuclear) complex H, 6 05*. 
None of these descriptions is self-evident, however. In HC10 4 • 2jH 2 0 
(fig. 10.27) two H 9 O 4 complexes have two water molecules (H 2 0(5) and 
H 2 0(5')) in common. The hydrated proton complex may thus be formu¬ 
lated as a bridged complex, HmOJ*. Difficulties also arise in connection 
with the remaining atoms 0(3) and 0(4) in this structure. The length of the 
0(3)-•-0(4) bond, 2.49 A, might justify a H 5 0 2 * assignment for this 
complex. However, the 0---0 bond is longer (by 0.05-0.08 A) than the 
corresponding bond lengths in the asymmetric H 5 0 2 complexes discussed 
earlier. Furthermore, the 0(3)-end has a pyramidal environment, whereas 
the 0(4)-end exhibits features characteristic of a normal water molecule 
in a tetrahedral environment in which two H-bonds are donated and two 
accepted. This would appear to contradict the situation normally found 
for the H 5 Oj ion in which a pyramidal bonding coordination exists at both 
ends of the complex. In this case the formulation of the complex would be 
HiO* • H 2 0 rather than H 5 Oi. Another possible description would be 
H 7 (X, comprising H 3 CT(3), H 2 0(4) and H 2 0(2). This very asymmetric 
complex would then share one water molecule with the H 9 O 4 * complex 
having the central ion H»0*(1). None of these descriptions is particu¬ 
larly satisfactory, however. This intermediate situation arising in 
HCIO 4 • 25H 2 0 has thus neither been listed under H 3 OJ nor H 7 O 3 * com¬ 
pounds in the preceding sections. 

Neutron diffraction has not been applied in any of the cases where a 
H 9 O; complex has been found, and only approximate information con¬ 
cerning the location of the H-atoms has been obtained from the X-ray 
studies. The application of neutron diffraction techniques to these struc¬ 
tures would give a great deal of information on the geometry of the 
oxonium ion in asymmetric environments, but the difficulties in charac¬ 
terizing the hydrated proton complexes would still remain. 


10.4.5. General comments on the H* • mH 2 0 complexes 

Hydrated proton complexes corresponding to the formulae H 3 0', H 5 0 2 , 
H 7 OJ and H 9 0! have been found in compounds described in the above 
sections. Whenever isolated groups of two water molecules and a proton 
are found, the natural formulation of the complex is H 5 OJ. In the same way, 
groups of three water molecules and a proton have been formulated as 
H 7 OJ. In both cases the complexes may be asymmetric. The structures of 
the first five compounds in table 10.2(c) (C 6 0 2 (N0 2 ) 2 (0H) 2 • 6H 2 0 to 
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HBr • 3H?0) all contain one very short O' ° tb °"e casts .^structures 

0-0 bonds are at leas. 0.17 A longer ta aJ ' ^^er molecules. 
have been described as contammg ^ ... 0 bonds 

HNOj • 3HsO and HC1 4 - - * o.22 A longer, have 

~-— 

d °fn the'conlpounds^iscusse^above the asymmetric unit of ^ Jtructure 
CO*-, c* » more «hor. bond, «* . group 

HCIOc -So'and HOO. • 3SH.O (table 10.2). As was demonstrated in 
section 10.4.4. the even distribution of O - O bond lengths ts reflected n 
the fact that the description of the bonding situation in terms of discrete 
H- nHiO complexes is no, altogether straightforward. These two com- 
. t^ofther with HBr-4H : 0 all contain two crystallographically 
independent acid protons and five, seven and eight cr y stall °8raphjcally 
independent water molecules, respectively. All compounds for ^.ch the 
descriptions of the hydrated proton complexes are less Prob'^atica 
contain one independent acid proton and up to four independent water 

m °All C cimpounds studied have a, most four water molecules available for 
each proton, and neither the complex H„0,* nor H„0 6 , mentioned in 

section 10.2, have so far been found. 

The individual distances and angles in a particular complex may vary 
considerably. Some interesting features can be noticed, however, on 
comparing average geometries, as illustrated in fig. 10.29. The average 
distance to the three oxygen neighbors of HjO is 2.57 A (fig. 10.29(a)). 
These oxygens belong to perchlorate, sulfate or similar ions, but in no 
case to water molecules. If one of these three neighbors is replaced by 
water, the distance to this molecule will be much shorter, 2.44 A, but at 
the same time, the distances to the remaining two oxygens are lengthened 
to 2.70 A (fig. 10.29(b)). On further substitution of an oxygen by water 
the two water molecules will be much closer to the central H*0 ion, 
2.48 A, than the remaining oxygen neighbor, 2.65 A (fig. 10.29(c)). Finally, 
on replacement of the last oxygen by water, all three distances from the 
central HjO* ion to the neighbors are equal (fig. 10.29(d)). Naturally, each 
H 3 0* • • • H 2 0 distance becomes somewhat longer as more H 2 0 molecules 
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Average distances 

(O • O) Av 

<a> Q2.57 

H 3 ° + 57 

2 57 A 

.b. 

-°=* 

2 61 

H 7 0 3 + V 

W 2.65 

2.54 

H90 4 + *257 

2 57 

2 57 A 


Fig. 10.29. Average H-bond distances around the central ions of hydrated proton complexes 

in solids. 

compete with one another: in H 3 CT • H 2 0 this distance is 2.44 A, in 
H 3 (T • 2H 2 0 2.48 A and in H 3 CT • 3H 2 0 2.57 A. 

Another interesting feature is apparent from a study of fig. 10.29. The 
observation that the distances from H 3 0‘ to H 2 0 are shorter than to other 
oxygen atoms, might provoke the suggestion that water oxygens are 
better acceptors than, for example, oxygens belonging to a sulfate group. 
However, this does not agree with our general experience of O-H---0 
bonds. A comparison of the distances H 3 0*--*0 in the oxonium com¬ 
pounds, 2.57 A, with the corresponding distance H 3 CT • • • H 2 0 in the H 9 Ol 
compounds, 2.57 A, shows quite clearly that water oxygens and oxygen 
atoms in SOj" (or similar ions) are potentially equally good acceptors. 
However, when both types of oxygen atoms compete in the same 
complex, the distances to the water molecules are the shortest. It has 
often been observed that a very strong X • • • H • • • Y H-bond is formed 
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when the two participants 

examples of this pnnc.p e -e foun» “ uct compleX es discussed 

of the type HA, (ac.d salts). The hydrateo P are further 

here further illustrate this pnncple. Very 

discussed in ch. 8. 

10.5. Theoretical studies 
A brirf survey o, ou.n.uu, urechanicu, 

SS§E~=SE£»S 

fnitio SCF-MO-LCAO type but employ various cho.ces of bas.s set. 
10.5.1. HjO* 

The HiO* ion has provided a popular subject for theoretical calculations 
TvaX degrees of accuracy. A common feature for all these calcu.a- 
UonsTs 1 assumption of C„ symmetry for the complex. Th.s assump¬ 
tion'. supported by infrared. NMR and diffraction studies, has he advan¬ 
tage of reducing the number of degrees of freedom (from 6 to 2), thus 
making the calculations less time-consuming and hence cheaper to carry 

° U The first attempt to determine the form of the oxonium ion by 
theoretical methods was made by Hund [1925]. On the bas.s of a om.c 
potentials estimated from molecular spectra, he was able to calculate a 
probable conformation for H,0*. He arrived at values of 1.05 and 1. 1 A 
for the O-H and H-H distances, respectively. These correspond to a 
much more pointed form for the ion than was later found experimentally. 

Grahn [1961, 1962] has studied the ion using the MO-LCAO as well as 
the valence bond method. Both methods give an energy minimum for a 
H-O-H angle of 120°, i.e. a flat ion. However, the potential surface 
obtained is very shallow and the author does not exclude the possibility of 
a slightly non-planar equilibrium configuration, with oscillations occurring 
between two such symmetric configurations. 

The same planar geometry was found by Moskowitz and Harrison 
[1965] and by Kollman and Allen [1970] after much more elaborate 
calculations. In all cases the potentials calculated for symmetric bending 
were very shallow. 
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A non-planar conformation for the free ion has been suggested by 
Bishop [19651. He obtained an equilibrium geometry having a H-O-H 
angle of 114.5° and an O-H distance of 0.95 A. Joshi [1967] found an 
equilibrium H-O-H angle of 111°. In calculations carried out by Almlof 
and Wahlgren [1973] the energy minimum for the free H,0‘ ion was found 
for a H-O-H angle of 117° and an O-H distance of 0.96 A. 

Recent near Hartree-Fock level calculations by Kollman and Bender 
[1973] give an equilibrium H-O-H angle of 112.5°, an O-H distance of 
0.963 A and an inversion barrier of 8.0 kj/mole. By comparing these 
results with calculations on NHj and H 2 O, for which precise experimental 
geometries are known, the “true" geometry of the free H,0* ion was 
estimated to have a H-O-H angle of 110-112°, an O-H distance of 
0.97-0.98 A and an inversion barrier of 8-12kJ/mole. 

All theoretical studies of H»0' show that the energy difference between 
a planar and a pyramidal geometry for the free ion is very small. These 
energy differences are too small to allow any certain conclusions to be 
drawn as to the conformation of a H»0* ion under the influence of 
neighboring charges, e.g. in a crystal environment. 

Almlof and Wahlgren [1973] have also carried out calculations on the 
oxonium ion in which they attempt to simulate the electrostatic effect of 
the real crystal environment. The oxonium ion was studied in four 
different surroundings: in solid HC1 • H>0 and in the three non-equivalent 
positions in solid H 2 SO 4 • 2H 2 0. The conformation of the H,0* ion was 
restricted to C 3v symmetry, although the surroundings of the ions in 
sulfuric acid dihydrate deviate from perfect threefold symmetry. How¬ 
ever, this was not considered a serious restriction, since the deviations 
were quite small and would not significantly affect the general form of the 
influence of the crystal environment. The results of the calculations (table 
10.7) show that the application of an external field results in relatively 
small increases in the O-H distances (0.01-0.04 A), but in more substan¬ 
tial changes in the H-O-H angles which tend to make the O-H • • • X bond 
approximately linear. No experimental determination of the hydrogen 
positions exists for these compounds, but the H-O-H angles calculated 
here agree fairly well with the averaged X • • • O • • • X angles obtained from 
experiment. 

The conformation of HjO* as obtained in several diffraction studies 
suggests that the C 3v symmetry is not always retained in an asymmetric 
environment. Further calculations of the Almlof and Wahlgren type, but 
omitting the symmetry restrictions, would therefore be of great value in 
studying the deformation of the ion. 
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Table 10.7 

Wahlgren [1973]). a ,exp) denies be -nea ea£h ion 


519 


Free ion 

HCI-HiO 

H 2 S0 4 -2Hi0 


I 

II 

III 


k w m 

| and Taesler 

and Olovsson (19691) 

d{ OH) 

o(HOH) 

a(exp) 

(A) 

(deg) 

(deg) 

0.96 

117 


0.98 

113 

110 

0.97 

106 

109 

0.98 

106 

105 

1.00 

108 

108 


10.5.2. H 5 O 2 

The need for imp.s.ng symmetry restrictions in theoretical studiei, of .he 
H Of* complex is even more pressing than m the case of H.O No 
symmetry assumptions would require the optimizat.on ofMSi parameters. 
The H,0; complex has been studied at the ab initio level by Kollman and 
Allen (1970). Kraemer and Diercksen [1970] and by Newton and Ehren- 

son [1971]. * • o ..n 

Kraemer and Diercksen [1970] assume a linear, symmetric O • • • H ■ u 

bond and a planar configuration around the oxygen atoms. The two ends 

of the complex, which were given the dimensions of the water macule in 

its experimental equilibrium geometry (d(OH) - 0.9572 A, a(HOH) 

104.52°), were oriented to give a minimum in the total nuclear repulsion 

energy, i.e. a staggered arrangement. The minimum energy geometry or 

this structure was found to have anO-O distance of 2.39 A, having a 

binding energy relative to the systems H s O‘ and H z O of 134kJ/mole. A 

value of 150 kJ/mole for this binding energy has been reported for the gas 

phase by Kebarle et al. [1967]. 

Kollman and Allen [1970] use the same geometry, but with an outer 
H-O-H angle of 120° instead of 104.5°. They arrive at an optimum O • • O 
distance of 2.38 A and a binding energy of 155 kJ/mole. Two other 
geometries were also used, of which a completely planar complex was 
next in order of stability. A pyramidal configuration around the oxygen 
atoms with staggered H-atoms at opposite ends was the least stable of the 
configurations tried. 

Assuming the same geometry as that used by Kraemer and Diercksen 
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[1970], Newton and Ehrenson [1971] found an energy minimum for an 
equilibrium O - O distance of 2.36 A and an optimized outer H-O-H 
angle of 115°. The binding energy for the complex was found to be 
183kJ/mole with respect to H 3 0* and H z O. 

All of these investigations show that the potential energy curve for the 
proton in the H-bond is very flat in the region of its minimum. This means 
that rather large proton shifts (—0.3 A) are possible without any signifi¬ 
cant change occurring in energy (Kraemer and Diercksen [ 1970]). In cases 
where the two oxygen atoms of the complex do not have exactly the same 
bonding arrangement, the flat energy curve suggests that the proton in the 
H-bond is most likely to be positioned asymmetrically, as found in the 
neutron diffraction studies described earlier. The energy difference be¬ 
tween the minimum energy configuration and a flat arrangement is also 
rather small (—5kJ/mole; Newton and Ehrenson (1971)). 

Thus, as in the case of HjO’, it is again impossible on the basis of the 
theoretical calculations made to draw any definite conclusions as to the 
conformation of a HjOJ complex under the influence of neighboring 
charges. It is probable, however, that the ion can easily be distorted from 
the equilibrium geometry calculated for a free complex. 

The conformations of the H 5 0 2 * ion found in the diffraction investiga¬ 
tions (section 10.4) do not follow the very restricted geometries assumed 
in the theoretical studies. Further theoretical studies imposing less severe 
symmetry restrictions are therefore needed before the “deformability" of 
the H 5 OJ complex can be discussed more fully (see section 15.4). 

10.5.3. H 7 Oj and higher hydrates 

Ab initio SCF-MO-LCAO calculations for free hydrated proton com¬ 
plexes containing more than two water molecules have been made by 
Newton and Ehrenson [1971]. Assuming D Jh symmetry for the complex 
H* • 3H 2 0 (fig. 10.1(e)), the calculations give a minimum energy configura¬ 
tion for an equilibrium H • • • O distance of 1.40 A. However, the complex 
is not stable with respect to the (optimized) HjOJ ion and H 2 0. Both here 
and in the calculations described below the water molecule was assumed 
to have the calculated optimal geometry for the free molecule (d(OH) = 
0.95 A, a(HOH) = 111.3°). Furthermore, all H-bonds are constrained to 
be linear, and each three-coordinated oxygen atom is constrained to lie in 
the plane of its three ligands. The ligand planes associated with two 
adjacent three-coordinated oxygen atoms form a dihedral angle of 90°. 
Under these constraints the calculations give a minimum energy configu- 
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ration for the H,CK complex having a o^imizedH-O-H 

to fig. 10 . 1(0 with C : » symmetry. ‘ , The O ••• O distances are 

angle of 120- and - O-HI-£-e «[ ”^ Eig en-type complex 
2 46 A. The calculations for H,U. iavor O • • • O dis- 

(fig. 10-1 (i» W ; , |' 0 o J ; n S / 2 m 5 TA y res?ecdve l ly 1 The optimized H-O-H angle 
tances here are 1.00 and -.3 ■ ^ between the minimum energy 

is ,20°. HoWeVC ^‘^^plf.hfstructures shown in fig. 10.1(g) (HXK) 

structures and. for examp . rather small. It should be 

and figs. 10.10) an ' '‘ . e *T ect 0 f crystal environment, 

emphasized therefore, that c,J ^he exp =«d between caiculated 

a 

di Fo^aniore extensive treatment of theoretical calculations made on the 
hydrated proton complexes, reference should be made to the paper y 
Newton and Ehrenson [1971]. 


10.6. Summary 

Crystal structure determinations of several hydrates of strong acids have 
shown that the bonding situation of the proton in these hydros> can 
described in terms of the complexes H.O . H.O,. H,0, and H.O._ 

The oxonium ion. H,0\ occurs as an isolated pyramidal complex in 
compounds containing only one water molecule for each proton Its idea 
symmetry is C,.. but this is often distorted by the influence of its crystal 

environment. 

Hs Oj complexes are formed in all cases in which exactly two water 
molecules are available for each proton. The H..O: ion is also found in 
many crystals containing more than two water molecules for each proton. 
In such cases the H,0; ion is often bonded to the extra water molecules to 

form chains or layers of the type •••. The 

H 5 O 2 * * ■ H 2 O bonds are always considerably longer (2=0.17 A) than the 
short H-bond within H,0 : ‘. This justifies the formulation H,0=* • «H:0. 
even though in many cases the H,C>: ion is itself non-centered and can be 
described as consisting of a water molecule strongly bonded to an 
oxonium ion. In principle, the formulation H,0' • H,0 can be invoked for 
all non-centered H 5 0 2 * ions; only in the case of centered H,0 2 * ions is the 
formulation clearly inappropriate. Apart from having a very short O ■ • • O 
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bond, H 5 0 2 is also characterized by a pyramidal bonding coordination 
around each end of the ion, i.e. the ion is a poor H-bond acceptor. 

The position of the H-atom in the short O • • • O bond is related not only 
to the length of this bond, but also to the potential energy resulting from 
the environment. Theoretical calculations have shown that the potential 
in the bond is very shallow, thus making the position of the H-atom very 
sensitive to changes in this environment. Examples of this are provided in 
the structures of C ft H,COOH(OH)SO,H • 3H 2 0, C*H 2 (N0 2 ),S0,H • 4H 2 0 
and YH(C 2 0 4 ) 2 • 3H 2 0 where, in all cases, two water molecules are 
connected together via a short bond of length 2.44 A. On the other hand, 
the O-H distances in these three compounds are 1.10, 1.13 and 1.22 A 
(symmetric), respectively. There would thus appear to be no direct 
correlation between the 0 - 0 distance and the site symmetry of the 
H-bond. Evidence has earlier been cited to promote the idea that the 
shorter the bond the more likely it is to be symmetric (Speakman [1972]). 
The data presented here (table 10.4, fig. 10.16) do not support this 
otherwise quite reasonable suggestion, however (see further ch. 8). 

Hydrated proton species with the general formula H 7 OJ have been 
found both as isolated complexes and as complexes H-bonded to other 
water molecules. In the latter case the H 7 (K--H 2 0 bond lengths are at 
least 0.22 A longer than the H-bonds within the H 7 OC ion. The ion thus 
forms a well-defined complex with respect to its environment. The 
internal structure can be very asymmetric, however, and in some cases it 
is a matter of definition whether the formulation should be H,0* • 2H z O or 
H,OJ • h 2 o. 

The complexes H 9 (X of the Eigen type (an oxonium ion H-bonded to 
three water molecules) has so far been found in three compounds. In no 
case is the ion isolated, but is H-bonded to water molecules or to other 
hydrated proton complexes. The ion tends to be less well-defined than the 
complexes discussed earlier. In one case a water molecule is shared by 
two H 9 0 4 complexes, and in another case two water molecules are shared 
by two such complexes. The HjCT-'-HjO distances within the H 9 OJ 
complexes vary considerably (2.48-2.68 A) and several possible formula¬ 
tions again arise: H,0* • 3H z O, H,0 2 * • 2H 2 0 and H 7 OJ • H 2 0. 

It can be concluded from the above review that both the oxonium ion, 
H 3 0 + , and the (centered or non-centered) diaquahydrogen ion, H 5 OJ, are 
particularly well-defined and occur frequently in the solid hydrates of the 
strong acids. The higher hydrates H 7 Ot and H 9 OI, although often 
well-defined with respect to their environment, are less well-defined in 
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their internal structures and may be regarded as hydrates of H,0* or 

H The discussion here has been based mainly on the results of X-ray 
diffraction investigations. Only a very limited number of neutron diff ac¬ 
tion studies have so far been made. Such stud.es preferably at low 
temperatures, are clearly essential to a more detailed understanding of 
these complex ions. Additional theoretical studies of these systems would 
also be of the greatest interest. 
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11.1. Introduction 

Most theories of H-bonds claim an angle dependence of the H-bond energy 
with a maximum for a linear bond. We will define the angle p of H-bonds as 
the angle between the proton axis and the axis of the lone elec,r ° n pa ' r 
orbital as shown in fig. 11.1. The experimental proof of this angle depen- 
dence would give important informations, for example, for the understand¬ 
ing of specific effects in biochemistry, or for the knowledge of the distribu¬ 
tion function of orientations of water molecules which describes the 
structures of water. Ben Naim and Stillinger [1972] tried to obtain this 
distribution function by computer experiments with a combination of the 
potential energy of a Lennard-Jones potential and an orientation depen¬ 
dent part based upon a four-point charge complex within each water 

molecule. 


.nd” 




Fig. 11.1. Definition of angle 0 of H-bonds; 0 is the angle between the OH or NH axis and 

the axis of the lone electron pair orbital. 


Our report will stress the experimental possibilities for observing the 
angle dependence of H-bond energy. One method is to use X-ray or 
neutron scattering to examine the crystal structure of H-bonded systems, 
for example, DNA or hydrates. Table 11.1 gives some information on 
hydrate structures obtained by neutron experiments (Bacon [1962]). From 
these 0-0-0 angles of table 11.1 one can conclude that angles O*£0^25°C 
exist in crystals (0-0-0 angle means the intermolecular angle between 
three neighboured O-atoms, 0-0-0 angle zero corresponds to our defini¬ 
tion p= 0). The table 11.1 indicates a favoured angle region. For further 
discussion of the solid state see ch. 8. 
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Table 11.1 


Bond angles in hydrates 


Substance 

H-O-H 

(deg) 

Angle 

0 -0-0 

(deg) 

D 2 0. ice 

109.1 

109.5 


109.9 

109.4 

Na s CO, NaHCO, 2H,0 

107 

114 

K : S0«-Crj(S0 4 )r24H : 0 (O k ) 

103 

94 

<Oo> 

107 

102 

(C00H),-2H,0 

106 

84 

CuCI 2 -2H,0 

108 

97 (O-CI) 

CaS0 4 *2Hj0 

106 

108 

CuS0 4 -5H,0 

111:106:109 121:122:130 

BeS0 4 *4H ; 0 


120 

NiS0 4 -6H 2 0 


99; 125; 132 


The preferred angle may be favoured by cooperative effects in solids. 
Therefore, it would be interesting to have information on the angle depen¬ 
dence of the H-bond energy in liquids and solutions. Some information of 
this type can be obtained by infrared spectroscopy of solutions and liquids. 

For quantitative analysis the overtone region in the near IR is much 
better than the fundamental vibrations. The photometric accuracy of 
overtone instruments is much higher. The cell thicknesses used in overtone 
measurements (I mm-20cm) contribute to higher accuracy also, since in 
the fundamental region one needs cells of some /*m. In addition, the wave 
number shift on OH stretching vibrations between the non H-bonded and 
the H-bonded state is greater in the overtone region than in the fundamen¬ 
tal. which means less overlapping of different bands. Therefore, we give 
preference to overtone spectra in our report (Luck [1967a, 1973]). 

11.2. Solution results 

11.2.1. Preference for angle 0 = 0 in aggregates 

The preference for angle 0=0 can be demonstrated with small-ring lactams 
which have so few CH 2 groups that the amide group must be in the 
c/s-configuration. In solutions in CCL, such compounds show exclusively 
monomers and dimers (Luck [1961]). 
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Di 


ANGLE DEPENDENCE OF HYDROGEN BONDS 

Of an equilibrium between monomers Mo and cyclic dimers 

( 11 . 1 ) 


2Mo 


Di 


we have the equilibrium constant 

[Dil __L (11.2) 

[Mop K „• 

With the total concentration C 

C = [Mo] + 2[Di] (l,3) 


we obtain 

C - [Mol _ I (11.4) 

2[Mo] s K a ’ 


The monomer concentration [Mo] can be determined 
from the extinction coefficient «. at concentration C 
coefficient e„ at concentration C = 0, 


spectroscopically 
and the extinction 


[Mo] = («■ /«»)C. 


(11.5) 


Figure 11.2 shows the validity of eq. (11.4) for lactams in CCU solutions 
over a wide concentration range. These equilibrium constants are among 
the best which physical chemistry has. The assumption of a cyclic dimer 
is valid up to the saturation concentration (Luck [1961,1965a]). This 
result is not valid for lactams with a higher number of CH : groups with 
(rani-configuration of the amide group (laurinlactam fig. 11.2). The 
success of this simple equilibrium of dimerisation (eq. (H D) for lactams 
with only a few CH: groups can be understood from the point of view that 
these dimers have the optimum angle orientation with /3 = 0 (fig. 11.3; see 
also Luck [1965a]). 

If we do not count the protons, the cyclic structure is formed by six 
atoms. We can conclude the rule: in many cases H-bond interactions lead 
to maximum stabilisation in cases involving six-membered rings. An 
important example of such six-membered rings is the tridymite structure 
of ice I. 

The H-bond interaction energy of cyclic dimers of lactams can be 
determined from the temperature dependence of the equilibrium con¬ 
stants. We have found values from 7.1-7.8 kcal/mole, which correspond 
to 3.5-3.8 kcal/mole per H-bond (Luck [1961]). Similar results were found 
by Lord and Porro [1960] on studying fundamental vibrations. 
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Fig. 11.2. Lactams with cij-amidc groups show in the IR spectra only dimers with 0 =0°. 
Ordinate: equilibrium constants of dimerisation. Abscissa: the concentration by weight C. 

Solution experiments in CCL at 20°C. 



Fig. 11.3. Dimer model of pyrrolidone with 0 = 0°. 



ANGLE DEPENDENCE OF HYDROGEN BONDS 

A second example of cyclic dimers with 0 = 0 are the monocarboxylic 
acids (Allen and Caldin [1953]). In the case of acet.c ac.d the presence of 
the angle-favoured cyclic dimer in the gas phase is substantiated by 
electron diffraction results (Karle and Brockway 11944]; see also fig. "• )■ 
Some X-ray results indicate the cyclic dimer arrangement in solid fatty 
acids (Morrow [1928]). We studied the association of propionic acid 
(CjHjCOOH) in CCL solutions using the IR overtone technique. We 
found a preference for cyclic dimers in such solutions, too, but at higher 
concentrations some trimers were found. This is in agreement with NMR 
results for acetic acid (Reeves and Schneider (19S8]) s‘" d J apoU J 

pressure results for CH.COOH. C.H.COOH, C,H,COOH and 
C(CHt)jCOOH (Johnson and Nash [1950] and Allen and Caldin 1195 ]). 
We found for C : H,COOH in CCU at 20°C. W„ = 11 kcal/mole and 
u/.. = 15 kcal/mole*. On the other hand, benzoic acids do not appear to 
show trimerisation; dimers only are observed (Wolf et al. [1940] and Wolf 
and Metzger [1949]). Effects of steric hindrance may be responsible for 
the different observations on simple monocarboxylic acids and acids with 
more complicated molecular structure. 



Fig. It.4. Model of a dimer of acetic acid (electron diffraction result). 


11.2.2. Indications of the angle dependence of hydrogen 

BOND ENERGY 

Following the cis-lactams and the carboxylic acids come oximes, the next 
simple system of H-bond aggregates. They form a coupled equilibrium of 
monomers, dimers and trimers (Geiseler and Fruwert [1960], Luck [1961] 
and Geiseler et al. [1962]). The simple eq. (11.4) cannot fit the data for 
oximes. The next step in describing the properties of oximes in CC1 4 
solutions can be a coupled equilibrium of dimers, eqs. (11.2) and (11.3) 


and trimers. 


3MO = Tri 


( 11 . 6 ) 


* That is, 5.5 and 5 kcal/mole per H-bond. 
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and 

[Tri] 1 

«l-7> 

The concentration by weight C is now 

C = [Mo] + 2[Di] + 3[Tri] = [Mo]+-f [Mof + [Mo] 3 (11.8) 

and 

C — [Mo] 2 . 3 rw , 

~lM^r = K7 I + K7, [Mo] - <"- 9 > 

Our assumption leads to the statement: in a case of coupled equilibrium 
of monomers, dimers and trimers, (C - [Mo])/[Mo]' = /([Mo]) should give 
a straight line. All experiments with acyclic (Geiseler and Fruwert [I960]) 
and cyclic (Luck [1961]) oximes show this behaviour (fig. 11.5). The slope 
of the straight lines obtained gives K„, and the axis intercept gives K l2 . 
From the T-dependence of K,, and K„ we get the association enthalpies 
AH,, and AH„, with the assumption of cyclic aggregates; AH, 2 /2 and 
AHu/3 give the H-bond enthalpies per bond. For all oximes which we 
investigated AH„/3 was 10% higher than AH„I2. 



Fig. 11.5. Data for solutions of cyclooctanone oxime in CCL, at 20°C. (C - [Mo])/[Mo]’ 
gives a straight line, proof of a coupled equilibrium of cyclic dimers and trimers. 


The statement: “maximum H-bond energy at /3 = 0” can be used to 
interpret the observations with oximes. The cyclic dimer has a value 
p = 49° (fig. 11.6), and the trimer has a value p = 0 (fig. 11.7). The trimer 
provides a further example of the stability of H-bond aggregates involving 
six-membered rings. 




Fig. 11.6. A cyclic dimer of cyclohexanone oxime with a H-bond angle of 45° is stable only 

in dilute solution. 



Fig. 11.7. A cyclic trimer of cyclohexanone oxime with 0 = 0° is energetically favoured and 
is preferred at higher concentrations in CCh solutions. 

The unambiguous interpretation of cyclic dimers and trimers of oximes 
gives the first experimental information concerning the angle dependence 
of H-bond energies W in solutions (fig. 11.8). Results for pyrazole in CCL 
solutions are also included in fig. 11.8. At low concentrations pyrazole in 
CCL gives straight lines as in fig. 11.5, but at higher concentrations 
indications of higher aggregates are observed. Figure 11.9 gives a plausi¬ 
ble interpretation of the appearance of dimers and trimers of pyrazole. In 
this case AHi 2 /2 = 2.25 kcal/mole and AH„/3 = 5 kcal/mole are found. 
Schneider [1955] has interpreted the quantum mechanical calculations for 
the H 2 0 molecule in terms of a model of effective point charges (fig. 
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Fig. 11.8. The angle dependence of the H-bond energy determined from the T-dependence 
of the equilibrium constants of different H-bonded species with different p. 



Fig. 11.9. Model of cyclic dimer and trimer of pyrazole. H-bond energy W„ = 2.2 kcal/mole; 

Wo = 5 kcal/mole. 

11.10). This model gives an angle dependence of the interaction energy of 
two such models. The results of Schneider’s calculations are included in 
fig. 11.8. They are of the same order of magnitude as our results for 
oximes and pyrazole. 

The IR spectroscopy of H-bonds involves the Badger-Bauer rule: the 
wave number shift between the vibration of non H-bonded (free) OH or 
NH groups and the H-bonded ones is proportional to the H-bond 
interaction energy. Figure 11.11 shows the validity of the Badger-Bauer 
rule for the fundamental OH vibration of cyclopentanone oxime in CCU 
at room temperature. Figure 11.12 gives the concentration of dimers and 
trimers of two oximes at 20°C (Luck [1973]). A comparison of both figures 
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Fig. 11.10. A point charge model of the water molecule constructed by Schneider based on 

quantum chemical calculations. 

shows that for concentrations smaller than 0.16 mole/1 the dimer H-bond 
band with maximum at 3300 cm- dominates and for higher concentra¬ 
tions the trimer band with maximum at about 3235 cm 1 appears. The 
appearance of the broad trimer band at higher concentrations may be 
induced also with the Fermi resonance effect on the first overtone of the 
OH bending vibration at 3125 cm“'. The free OH groups absorb at 
3600 cm"' (see Note added in proof). 

Therefore we have: 

for dimers AP = 300 cm—, A£/(AHi2/2) = 75 cm kcal , 
fortrimers Ai> = 365cm” 1 , AP/(AHi5/3) = 80cm 'kcal '. 

Table 11.2 gives a review of different H-bond energies in CCL« solutions. 
11.2.3. Indications of cyclic structures 

The association of alcohols cannot be described like the molecules of the 
last two sections with predominant single species. Therefore, a chain-like 
aggregation is assumed. But in the region of small concentrations a special 
H-bond band appears and disappears at higher concentrations (fig. 11.13). 
This band can be observed in different alcohols. Table 11.3 shows the 
wave numbers of the maxima (or peaks in the overtone region) of the 
monomers vou v 02 , dimers and polymers viu vm of the fundamental 

vox and first overtone £ 02 , and the wave number shift A£ 0 . between the free 
OH and the H-bond bands. In the case of the first overtone, the fact that 




Cyclopentanonoxim in CCI 4 



[uO 0/l' 1U90IU903 UO«l3uiJX3 


538 


Fig. 11.11. Fundamental vibration spectra of cyclopentanone oxime in CCL (different concentrationsl. The wave number shift to smaller » of 
the H-hond band (3200-3300 cm ') in the transition region from dimers to trimers is demonstrated. 3120 cm ' Ferm. resonance induced by the 

trimcr H-bond band. 
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Fig. 11.12. The concentration of dimers C, and trimers C, as function of the concentration 
by weight of cyclopcntanone oxime and cyclododecanone oxime in CCI 4 at 20°C. 


Table 11.2 

H-bond energies (kcal/mole) determined spectroscopically by the T-dependcnce of equilib¬ 
rium constants 



w 12 

WJ2 

P 

(deg) 

w„ 

W.,/3 

P 

(deg) 

Imidazole 

— 

— 


(18) 

(6) 


Propionic acid 

11-0 

5.5 

0 

15 

5 


Pyrrolidone 

7.7 

3.8, 

0 

- 



Caprolactam 

7.0 

3.5 

0 




Cyclopentanone oxime 

8.0 

4.0 

49 

12.8 

4.3 

0 

Cyclooctanone oxime 

8.0 

4.0 

49 

13.3 

4.4, 

0 

Laurinlactam 

4.5 

2.2, 


8.9 

2.9* 


Pyrazole 

4.4 

2.2 

72 

15.1 

5.0 

12 

Pyrrole 

3.7 

1.8, 

(90) 




Methylaniline 

(0.5) 

(0.2,) 
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Fig. 11.13. Fundamental vibration spectrum of CD,OH in CCL solutions at 50°C. At small 
concentrations a H-bond band of dimers (3520 cm - ') is observed. 


Table 11.3 

Vibrational frequencies for different alcohols in CCl (Kuhn [1958J, Luck [1967b] and Luck 

and Ditter [1971]) 



Monomers 

*01 *07 

*ot 

Dimers 

a*>; 2 

v* 

Polymers 
APoi *02 

Av'i 

CH,OH 

3642 

7121 

3510 

132 

6870 

250 

3340 

302 

6000 

520 

CjH,OH 

3632 

7102 

3500 

132 

6825 

275 

3330 

300 

6580 

520 

C*H,CH 2 CH(CH,)OH 

3622 


3480 

142 



3350 

274 



C*H 10 OH 

3623 

7072 

3480 

143 



3332 

291 

6580 



there is an overlapping between the H-bond band of the overtone and a 
combination band OH-CH has been taken into account. 

The middle band has been observed by many authors (Smith and Creitz 
[1951], Becker et al. [1958], Coburn and Grunwald [1958], Maguire and 
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^ Reuter [1949], Mecke et aL [1949], Schupp 

[ 1949 ], Ibbitson and Moore [1967] and Van Loon et al. H**]; see fi * 
14 From the point of view of this minimum, the ass.gnment of this band 
,o . (probably a dimer, with acyc.ic s.me.ureconclusive. 



Fig 11.14. The dipole moment of alcohols in CCL at 20’C calculated using the Onsager 
relation. The minimum of dipole moment is observed in the same concentration region as the 

IR dimer band (Mecke (1948]). 


There have been many attempts to describe the aggregation of alcohols 
in terms of a coupled equilibrium of different aggregates 


C = [Mo] £ [Mo]-' 


W-, K„=I. 


( 11 . 10 ) 


Kempter and Mecke [1940] introduced the approximation K, 2 = K„ = 
... = K,. i,i = K„k. But for alcohols K„ * K M k is necessary, according to 
Hoffmann [1943] and Coggeshall and Saier [1951]. This also verified the 
specific rule of the dimer. Approximate information on the type of 
aggregates can be obtained from the equations 

m Mo = Ass (11-11) 


and 

[Mo]" 1 _ [Mo]" 
* A41 [Ass] C - [Mo]’ 


( 11 . 12 ) 


where m is the mean association number; [Ass] = C - [Mo] is only valid 
for cyclic structures. Figure 11.15 gives for cyclooctanone oxime for low 
concentrations m = 2 and for higher concentrations m = 3 in agreement 
with the results in section 11.2.2, but for CH3OH/CCL m increases from 


542 


WERNER A. P. LUCK 



Fig. 11.15. The determination of the mean association number gives at low concentration 2 
and at higher concentration 3. Cyclooctanone oxime in CCL at 20°C. 

m = 3 to higher values (see fig. 11.16). The value m = 3 is observed in the 
concentration region in which the middle band at 3500 cm ‘ is observed. 
Therefore, a cyclic dimer or trimer may be the cause of this band and of 
the minimum in the dipole moment. 

11.2.4. Intramolecular hydrogen bonds 

A further method for determining the angle dependence of the H-bond 
energy can be deduced in the case of intramolecular H-bonds of dial¬ 
cohols. The spectra of dialcohols in very dilute solutions in CCL have 
been studied by Kuhn [1951,1954,1958, 1964] and Luck [1967b]. In alipha¬ 
tic dialcohols, HO-(CH 2 ) B -OH, two free OH vibrations can be observed 
in the fundamental region in highly diluted solutions. One vibration can be 
attributed to an OH group intramolecularly bonded and the second one to 
a free OH group in which one lone pair is bonded to the second group. 
The wave number shift A v between these two vibrations increases with 
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Fig. 11.16. The determination of the mean association number of methanol in CCL. at 20°C. 

increasing number n of CH* groups. This observation was confirmed by 
our own measurements including overtone measurements (see table 11.4). 
In table 11.4 other measurements for molecules are given too in which one 
OH group is replaced by an acceptor X. 

The interesting results of table 11.4 depend on the different angles p of 
the intramolecular H-bond. The different values of the angle p are 
demonstrated in fig. 11.17 for dialcohols. 1.4-butanediol has p = 0, this 
gives a linear H-bond and a maximum of AF. This is a further example of a 
favoured H-bond in a six-membered ring. The models in fig. 11.17 give 
values of p. From the point of view of these models we have determined 
the angle dependence of AF (crosses in fig. 11.18) (Luck (1967, 1969]). But 
with the knowledge of the Badger-Bauer rule (A« energy) fig. 11.18 also 
provides information on the angle dependence of the H-bond energy. 

The 0-0 distances in dialcohols with different numbers of CH> groups 
may be slightly different. This may influence the special case of 
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Table 11.4 

Frequency shifts AP (cm"') in the bands due to intramolecular H-bonding X-(CH,)*-OH 

(Luck (1969)) 


X 

n = 1 

n =2 

n = 3 

n = 4 

n = 5 

First overtone 

n = 1 n = 2 n =3 

-OH 

_ 

30 

78 

156 

153 

_ 

58 

150 

-OCH, 

- 

30 

86 

180 

- 

- 

70 

(200) 

CHj=CH- 
/ \ 

18 

40 

- 

- 

- 

32 

79 

- 

o 

18 

28 

40 

- 

- 

40 

67 

- 

HC=C- 

- 

42 

50 

- 

- 

- 

- 

- 


H-O-CHz-CHr-OH (110°C) (see figs. 11.17 and 11.18). The higher value 
of Ai ?0 of HO-CHi-CH^-OH in comparison with those of water and 
methanol arises from a special single H-bonded intramolecular cyclic 
structure different from the double H-bonded intermolecular cyclic 
dimer. But there is no doubt that the results in table 11.4 and fig. 11.18 give 
information on the angle effect on the H-bonds. 

The intramolecular H-bonds of dialcohols are a good example of the 



Fig. 11.17. Models of the intramolecular H-bonds of dialcohols. The H-bond angle 0 

decreases with the number of CH 2 groups. 
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Fig. 11.18. The angle dependence of wave number shift of the IR bands (proportional to the 
H-bond energy) of the intramolecular H-bonds of dialcohols and of the intermolccular 
H-bonds of water and methanol (results of the matrix technique) as function of the H-bond 

angle 0. 


influence of energy and entropy on an equilibrium. With the increasing 
number of CH 2 groups and decreasing angle /3, there is an increase in the 
interaction energy but not in the number of molecules in the H-bonded 
state. The number of possible configurations also increases with the 
number of CH 2 groups. This gives rise to an entropy effect. 

Table 11.4 also demonstrates similar angle effects on intramolecular 
H-bonds of molecules X-(CH 2 )-OH with substituents other than -OH. 
Different Ai/-values with equal n-values indicate the effect of different 
acceptor properties. 


11.3. Matrix technique 

11.3.1. Matrix technique for methanol 

Pimentel discovered the so-called matrix technique. He froze mixtures of 
alcohol or water vapour and inert gases like N 2 at low temperatures of 
about 20K. (Van Thiel et al. [1957a, b], Pimentel [1958, 1960, 1962] and 
Pimentel and Charles [1963]). Reviews of this method have been pub¬ 
lished by Barnes and Hallam [1969] and Hallam [1973] (see ch. 22). This 
technique is especially useful for water. The well-established solution 
technique for studying H-bonds cannot be applied to water because there 
are no solvents which dissolve water in sufficient amounts without 
H-bonds. The matrix technique shows various sharp H-bond bands. 
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Figure 11.19 shows the first results of Van Thiel et al. (1957a] for 
methanol. Different sharp H-bond bands demonstrate that under the 
conditions of the matrix technique there exists not a continuum of 
different H-bonded states but a small number of discrete H-bonded 
species. Van Thiel et al. (1957a. bl assigned the different species as cyclic 
dimers, trimers, tetramers and polymers. The assignment of different 
bands to different species was based on the concentration dependence of 
the different H-bond bands. For example, the dimer band has a maximum 
in a plot of intensity as a function of concentration. Similar but more 
detailed results for CH»OH and C 2 H 5 OH in Ar matrix were found by 
Barnes and Hallam (1970]. 



Fig. 11.19. Spectra of methanol in solid nitrogen (M) at various concentrations of water 
(N). (a) MIN = 2220; (b) MIN = 220; (c) MIN = 50; (d) MIN = 10 (Van Thiel et al. 

(1957a)). 

A cooperative mechanism can be understood in terms of angle effects. 
We imagine the cyclic structure with the models shown in fig. 11.20. With 
this assumption we obtain new information on the angle dependence of 
the H-bond frequency shift A v and also, according to the Badger-Bauer 
rule, of the H-bond energy (Luck [1967b, 1973]). 

The dimer band is related to the band in CH 3 OH/CCl 4 solutions at 
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Fig. 11.20 
water. 



Models of the OH group positions 
Holes: axis of the lone electron pair 


of different cyclic aggregates of methanol or 
orbitals. Metal pins: axis of the OH group. 


medium concentrations a. 3500 cm ' (fig- 11.13). and the polymer band of 
table 11.5 is related to the H-bond band in solut.ons at h.gh concentrations 

<fl The results of the matrix technique for methanol in table 11.5 are 
plotted in fig. 11.18 as a function of fi. For low angle 0 these resuUs 
obtained by the matrix technique, are the same as for the spectra of 
dialcohols. Naturally, the cyclic dimer of methanol has a 
structure from that of the intramolecular H-bond of glycol. Therefore, the 
values for angle 0 = 110° are different. The agreement between the results 
from the two very different methods shows that the information concern¬ 
ing the angle dependence of the H-bond interaction energy as shown in 
fig. 11.18 is fairly reliable. The differences between the cyclic dimers of 
water and methanol (0 = 110°) and the diols may be induced by the fixed 


Table 11.5 

Attempt to relate the different H-bond vibrations to different 
methanol species in N : matrix 



v (cm"') 

AP (cm"') 

AP/AP m ..- 

P (deg) 

Monomer 

3660 

- 

- 

- 

Dimer 

3490 

170 

0.42 

110 

Trimer 

3445 

215 

0.52 

50 

Tetramer 

3290 

370 

0.9 

20 

Polymer 

3250 

410 

1 

0 
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position of the OH in glycole. The distance of the two OHs of glycole is 
also greater. 

11.3.2. Matrix technique for water 

Van Thiel et al. [1957b] obtained similar results for water. Spectra of 
water are more complicated, because there is an asymmetric */ 3 vibration 
at 3728 cm"' and a symmetric v x vibration at 3640 cm"'. 



Fig. 11.21. Fundamental spectrum of water in solid argon at 20K. Right side: H-bond bands 
with different peaks from different H-bonded species. Left side: fine structure of the free 
OH vibration band. Sharp peak vibration of OH in a free molecule, other peaks free OH 
vibrations of molecules with second OH group bonded. (The two figures have different 

scales of the abscissa!) 
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The right side of fig- 11.21 shows our own measurements (Luck et al. 
r ,9741) of the different H-bond bands of water, with different concentrat on 
Itios of argon to water. The left side of fig. 11.21 shows the 

concentratioivde pendent «„e Xructute o. the free OH "*£»»» 
exoanded S-scale. We tried to correlate the fine structure of the free OH 
band system to a change of the free OH vibration with H_ bond ‘"' er * cU ™ 
of the rest of a H,0 molecule (Luck [1973]). Th.s change should be 
proportional to the H-bond interaction energy. Therefore, theinfluence 
the free OH group in a bonded molecule is smaller in a dimer than in higher 
aggregates because of the relation between the H-bond energy and the 
H-bond angle in different aggregates. Table 11.6 gives a hypothetical 
attempt to correlate the different bands to different species 

The wave number shifts of the H-bond in H 2 0 are similar to those 
observed for CH 3 OH. They give a relationship between the wave number 
shift and the H-bond angle /3 similar to that given by the alcohol values 
(see fig. 11.18). There is, however, a more complicated fine structure of 
the different “free” OH vibrations. Earlier we tried to interpret Tursi and 
Nixon’s results in N 2 in terms of two different systems of trapping sites in 
the matrix. However, our own measurements in argon show similar fine 
structure. Therefore, it seems that we cannot explain the trapping effect 
by this hypothesis of different trapping sites. The small satellites of the 
fine structure of the free OH bands may be an effect of differently bonded 
H 2 0 molecules (bonded with OH groups or lone electron pairs). 

The symmetric v\ vibration band (3640 cm ') is weak, but one can find 
similar effects with the matrix technique for this band also (table 11.7). 

Tursi and Nixon [1970] were the first to observe this fine structure of 


Table 11.6 

Correlation between the different OH vibration v, of HjO in solid Ar and different 

H-bonded species"’ 



Free OH v 
Mcm'*) 

vibration 

AP, 

H-bonded OH vibration 
?,(cm"') AMcm"') AP/AP m «, b) 

Monomer 

3729 

mm 

_ 

— 

— 

Dimer 

3715 

14 

3544 

185 

0.46 

Trimer 

3700 

29 

3510 

216 

0.535 

Tetramer 

3693 

36 

3375 

354 

0.88 

Polymer 

3675 

54 

3327 

402 

1 


** In vapour state p, = 3756 cm -1 . 
b) Aiw = v moaom<l - v 9 ^ mm , = 402 cm-. 
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Table 11.7 

Correlation between the different OH vibrations P, of H,0 in solid Ar and 
different H-bondcd species (Luck et al. 119741)"’ 



Free OH vibration 

P t (cm -1 ) AP, (cm* 1 ) 

H-bonded OH vibration 
»>, (cm ’) AP, (cm* 1 ) AP/AP m ., h ' 

Monomer 

3641 

_ 

_ 



Dimer 

3626 

15 

3470 

1% 

0.46 

Trimer 

3617 

24 

3420 

221 

0.52 

Tetramer 

3605 

36 

3280 

361 

0.86 

Polymer 

3580 

61 

3220° 

421 

‘ 


In vapour state P, = 3652 cm~\ 

“ Vp m ty m n ~ 421 Cm ’. 

“ It is possible that the polymer band P, at 3220 cm 1 is disturbed by Fermi 
resonance with 26. 

the free OH vibration band. They avoided the assumption of cyclic 
structures and assigned the band with medium Ai> to linear dimers (fig. 
11.22). From our point of view there is no convincing argument against 
the assumption of cyclic structures. Arguments for the cyclic structures 
are: 

1. If cyclic structures are assumed the angle dependence of the wave 
number shift of different matrix bands agrees with the angle dependence 
of the diols (section 11.2.4) and oximes (section 11.2.2). 

2. The angle dependence of cyclic aggregates of the matrix observa¬ 
tions could demonstrate that, for example, two weak H-bonds of a cyclic 
dimer have interaction energies in the same order of magnitude as one 
optimal linear bond, three weak bonds of a trimer have a sum of 
interaction energies of these three bonds larger than one linear H-bond, 
etc. (fig. 11.18). 

3. But there is no recognisable reason why a linear dimer bond should 


H 


/ 

\ 


H 


\ 


O-R 


R-O 


A 

v 

H 


Fig. 11.22. Models of linear and cyclic dimers. 
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have only half the wave number shift of a linear bond in a polymer..We 
know from three different experiments (diols, water bands in CC.4 
solutions with different acceptor and the fine structures of the free OH in 
the matrix technique (Luck (1965a. 1967a. 1974)) that the disturbance of 
the second OH of water due to H-bond interactions of the first OH are 
very small (10 cm" for A*(H-bond) = 130 cm"). In addition, the antisym¬ 
metric OH stretching vibration of H>0 is very similar to the wave 
number of alcohols. That gives another indication that the OH stretching 
vibration is not very dependent on the structure of the rest of the 
molecule. 

4. The wave number of the dimer band of CH»OH in the matrix 
(3490 cm' 1 ) is very similar to the wave number of the dimer H-bond band 
of alcohol solutions (3510 cm"). But in the case of alcohol solutions we 
know from the minimum of the dipole moment that this band in solution 
can be assigned to cyclic aggregates (section 11.2.3). 

5. In matrix spectra of water fine structure can be distinguished in the 
free OH stretching vibration (fig. 11.21). To every H-bonded OH group a 
slightly shifted free OH band of the second OH with AP < 0 can be 
correlated. In methanol in solid N» Van Thiel et al. (1957b) found no fine 
structure of the free OH band in contradiction to the water experiments. 
A fine structure of the free OH of methanol could only be expected for 
linear structures. Barnes and Hallam (1970) have also observed a splitting 
of the free OH band of methanol in solid Ar. but with >0. We know 
from the intramolecular H-bonds of diols that the splitting of the free OH 
band of alcohols by H-bond interaction of the lone pair of the OH group 
has A£ <0, too. Therefore, we assume that the splitting of methanol OH 
in Ar could be a different effect (perhaps rotation or different orientation 
in the Ar lattice). 

6. In the spectra of pure liquids higher intensities are observed in 
comparison to solutions in the wave number region of the small aggre¬ 
gates found in the matrix technique. This intensity in liquids could be 
attributed to H-bonds of different angles but could not be attributed to 
small linear aggregates because the content of free OH is too small. 

All topics 1-6 are consistent with the assumption of cyclic structures. 
Defenders of the linear dimer have to show how the half wave number 
shift of linear dimer in comparison to linear H-bonds in polymers can be 
understood. 

The energy of the two unfavoured H-bonds in a cyclic dimer is about 
that of the energy of one linear bond in a polymer. From this view we 
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would expect both linear and cyclic dimers. Some arguments for the 
existence of linear small aggregates are given by Bellamy and Pace [19661. 
The methanol matrix work of Barnes and Hallam may also give such 
indications. 

Bellamy and Pace spectra are given in transmission which should not 
be done in discussions of band profiles and their compensating technique 
may also rise to some objections. But in every case they cannot exclude 
the existence of cyclic dimers. The existence of cyclic aggregates is 
clearly shown by the dipole-moment measurements and the comparison 
(fig. 11.18) of the matrix shifts with the diols increases the probability of 
their existence. For our discussion it is only important that the cyclic 
dimers have their own band. This is the band which occurs at |AP m „. We 
would expect the absorption of the linear dimers in the region of the 
H-bond band of large aggregates (“polymer” band). With this interpreta¬ 
tion all observations could be combined to a consistent picture. 

Figures 11.8 and 11.18 are the first experimental indications of how the 
H-bond energy could be dependent upon the angle, though the data as yet 
are a little limited. However, the main result of these is: there is an angle 
dependence and we have to expect in the IR spectra two broad bands, one 
with the maximum at A^ and the second one with Ai> m . x /2. We have 
only indirect assumptions on the type of aggregates (dimers, trimers and 
tetramers). We cannot exclude exactly other interpretations, for example, 
trimers, tetramers and pentamers. But these details do not affect our main 
result and would change fig. 11.18 only a little quantitatively and not 
qualitatively. 


11.4. Comparison with dipole-dipole interaction 

Pimentel and McClellan [I960] have shown that the H-bond energy 
between two water molecules can be estimated quantitatively with the 
assumption of a dipole-dipole interaction. Assuming that every OH group 
consists of a dipole of a charge 0.32 electron charges and a charge 
distance of 1 A, they obtained a H-bond energy of 3.8 kcal/mole for the 
interaction of two such dipoles at a distances of 2.76 A. They stressed that 
their dipole model gives an angle dependence of the H-bond energy. 

Therefore we tried to compare the angle dependence of such dipole 
interactions with our results for the H-bond angle dependence. Figure 
11.23 shows on the left side the angle dependence of the dipole-dipole 
interaction in a linear-like conformation. The right side of fig. 11.23 shows 
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Fig. 11.23. Calculated electrostatic dipole-dipole interaction. Left: model of a linear 
••dimer". Right: model of a cyclic "dimer". Encircled dots denote experimental results of fig. 

11.18. 

the dipole-dipole interaction for two dipoles in a cyclic-like conforma¬ 
tion. The order of magnitude of the angle dependence for the linear-like 
conformation is the same as the observed angle dependence of H-bond 
interaction of the dialcohols and the H 2 0 or CH 3 OH H-bond bands of 
higher aggregates observed with the matrix technique. The curves at the 
right side of fig. 11.23 are consistent with the observed H-bond bands of 
the cyclic dimers of water or methanol. 

11.5. Angle dependence of hydrogen bond interaction as a cause of 

cooperative mechanism 

The theory of sharp melting points or the theory of the helix-coil 
transformation of DNA requires the assumption of a cooperative 
mechanism (Bresler [1939] and Frenkel [1946]). Frank and Wen [1957] 
assumed a cooperative mechanism by charge transfer in H-bonds, but we 
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could not find any indication of this effect on studying the overtone 
spectra. However, it is much simpler to assume that the main cause of the 
cooperative mechanism of H-bonds is based on the angle dependence of 
H-bond interaction energy. This can be understood easily with the 
example of water. If there happened to be a hole defect in an ice lattice, 
the six-membered ring of H-bonded H : 0 molecules in the tridymite lattice 
would be transformed into a five-membered ring. All H-bond angles in 
such a five-membered ring would be larger than 0°. Consequently, the 
H-bond energy of all five water molecules would be smaller than in the 
neighbouring six-membered rings. The probability of inducing a further 
hole or orientation defect in such a disturbed lattice would be larger for the 
disturbed five-membered ring than for all highly ordered six-membered 
rings in the ice lattice. The results would be such that the defects in a lattice 
of H-bonded molecules could not be distributed statistically. The hole 
defects would be concentrated in disturbed areas. In H-bonded systems we 
have, in addition, orientation defects by H-bonds with unfavourable angles 
(Luck [ 1972J). These orientation defects can be recognised in the overtone 
spectra of water or alcohols (Luck [1964a, b, 1967c, 19741 and Luck and 
Ditter [1969]). The intensity of OH bands in pure water and alcohols, 
between the free OH bands and the band of linear solid-like bonded 
H-bonds, is higher than in dilute solutions (see ch. 28). Even so, like the 
hole defects, the orientation defects of H-bonded systems would have the 
cooperative mechanism due to the angle dependence of the H-bond energy. 
From this point of view we can understand why we find at melting points of 
alcohols a change of H-bonds by only 1% and in water a change of nearly 
10% of H-bonded OH groups. The Raman spectra show the C 2v symmetry 
of liquid water (Walrafen [ 1972]). The X-ray scattering results (Narten and 
Levy [1972] and Narten [1974]) show an ice-like structure in liquid water, 
too. All three experiments can be understood on assuming a cooperative 
mechanism of H-bonds in water. The orientation and hole defects in liquid 
water can be concentrated in defect fissure plains (Luck [1974] and ch. 28). 

The angle dependence of H-bonds seems to be of fundamental impor¬ 
tance for the structure of H-bonded liquids as well. With the knowledge 
of orientation defects in H-bonded liquids we can understand the anomal¬ 
ous properties of H-bonded liquids (Luck [1967c, 1974] and ch. 28, and 
Luck and Ditter [1972]). The best possibility for realising a cooperative 
mechanism is a three-dimensional arrangement (Peierls [1934, 1935] and 
Landau [1937]). A coil is one of the simplest three-dimensional pos¬ 
sibilities. DNA with a large number of bases or the a-helix of polypeptide 
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With many amide groups, all H-bonded with the H-bond angle ft = 0. are 

cooperative. 

11.6. Examples of the importance of the angle dependence of hydrogen 

bonds 

DNA and the a-helix of polypeptides are two important examples of the 
influence of the angle effect on the H-bond interaction energy for the 
structure of molecules. Today we are more and more convinced that 
biology is controlled by the laws of physics and chemistry, but we do not 
have enough information as to the origin of the specific biochemical 
effects. The angle dependence of H-bonds may indicate the reasons for 
specific reactions to specific structures of molecules in biochemistry 
(Luck 11970]). In addition, the tendency of hydrophobic groups to become 
neighbours is the second parameter for specificity in biochemistry. But 
this so-called hydrophobic interaction is based on the strong interaction 
of water molecules in the network of ice-like structures. Therefore, the 
hydrophobic interaction is based more or less on the angle effect in 
H-bonds also. 

As an example of the importance of angle dependence of H-bonds for 
water we give some results for hydrates (see table 11.1). Neutron scatter¬ 
ing results show that in solid hydrates the water molecules try to be ar¬ 
ranged in H-bonds with angles 0 nearly 0°. Let us compare the result for 
the dihydrate of oxalic acid in fig. 11.24. This experiment seems to be of 



Fig. 11.24. Structure of oxalic acid dihydrate (neutron scattering result). The water 
molecules are in angle-favoured positions (Bacon (1962J). 
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importance, for example, polyethylene oxide derivatives with hydrophobic 
end-groups have in mixtures with water a certain concentration region with 
very high viscosity. In the same concentration region the velocity of sound 
v has a maximum (Luck [1964a]). Figure 11.25 gives v of p-iso-octylphenol 
with nine ethylene oxide groups in mixtures with water. The maximum 
v occurs for mixtures with two water molecules per ether group. In the 
same concentration region the ethylene oxide chain has the meander 
structure, determined with X-ray scattering (Rosch [1957,1963]). The 
meander structure of the ethylene oxide chain is distinguished from other 
possible structures in which two water molecules can build H-bonds from 
one O-atom to the next but one (fig. 11.26). One can assume that this 
special H-bond angle effect determines the structure. There are some 
indications of the existence of a stable dihydrate of polyethylene oxide 
derivatives in aqueous solutions, too. These solutions have a turbidity 
point T b and build two phases above T b . The water content of the organic 
phase above T b depends on T and on the salt content of the aqueous 
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Fig. 11.26. There is an assumed structure of the dihydrate of polyethylene oxide derivatives 

with water molecules in positions with 0 - 0 °. 

phase. With increasing T or increasing salt content the water content of 
the second hydrate sphere decreases, but it is not possible to remove the 
last two water molecules per ether group (fig. 11.27; see also Luck 
[1964a, 1965b]). Systems with more than two water molecules per ether 



Fig. 11.27. The water content of the organic phase above the turbidity point of aqueous 


solutions of C*H,» 



(0-C ? H 4 )*0H as function of the salt concentration below 


the turbidity point. The last two water molecules per O-atom in the organic phase cannot be 

eliminated. 


558 


WERNER A. P. LUCK 


group also contain salt ions. This and some other experiments give a 
model for the nature of membranes for sea water desalination processes. 
Such membranes should have a hydrate structure, but due to steric effects 
these hydrates should not have a large second hydrate sphere. This is one 
applied example of the importance of the dominant role of angle effects 
for H-bonds. This example of organic hydrates may be important for 
biochemical structures as well. A second example of the organic hydrates 
is the dyeing process of 6-nylon. The mobility of acid dyes in 6-nylon 
depends strongly on the water content of the fibres (Luck (1972J). There 
is a strong increase of diffusion rate of dyes near the water saturation 
concentration. In this case a low water content may give rise to ordered 
hydrates, too. Dye diffusion depends on the presence of normal water 
without special ordered structures. The primary hydrated sphere of nylon 
gives only a very slow diffusion of dyes in 6-nylon. 

The primary hydrates of organic molecules may play an important part 
in biochemistry. Warner [1965] has shown that some biochemical 
molecules have a system of H-bonds which have the same distances as 
the ice lattice. This is also valid for the polypeptide chain (Luck (19701). It 
can form H-bonds to an ice-like water cluster with H-bond angles 0°. 
Warner (1965) has shown that distances of H-bonds similar to ice 
distances are observed in large biochemical molecules like insulin and in 
viruses also. Hechter (1965J has stressed the importance of the ordered 
water structures of biological membranes and has assumed that these 
ordered primary organic hydrates may exert a large influence on the 
membrane mechanism and its ion selectivity. 

Around hydrophobic groups water may be arranged in a gas-hydrate¬ 
like structure (fig. 11.28). Water can form pentagon-dodecahedra consist¬ 
ing of five-membered rings of water molecules. This structure is disting¬ 
uished by the fact that all water molecules are in positions with the 
hydrophilic groups OH or lone electron pairs to the outside. To the inside, 
all water molecules show their most hydrophobic side. The five- 
membered rings of water molecules have H-bonds with /3 *** 9°. This gives 
a small loss of H-bond energy. This angle-unfavoured structure with 
P * 9° can be stabilised by dispersion forces of a hydrophobic molecule in 
the centre of each pentagon-dodecahedron. The five-membered rings are 
planar and have less degrees of freedom than the six-membered rings of 
the ice lattice. This may have an influence on the entropy of the gas 
hydrate structure. Entropy effects of mixtures of molecules with hyd¬ 
rophobic groups and water have induced the discussion of an iceberg-like 
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F . .. 28 Mod e| of the gas hydrate structure of water. A hole is formed inside the 
pentagondodecahedron that could contain a benzene molecule in the ''’^ehTh' ^li oss 
of H-bond energy on forming the five-membered r.ngs can be compensated by the d.spers 

forces of the guest molecule inside the hole. 


structure of water around every organic molecule (see ch. 28.6.3). There 
are no indications of an increase of the content of H-bonds in such 
mixtures. From this point of view the gas-hydrate-like structure of these 
systems may be taken into account (see ch. 28.6). Pauling [1961] has 
assumed that such gas-hydrate-like structures of water are induced by 
anesthesia chemicals and are the cause of the anesthetic effect. If this is 
true then anesthesia is induced by the angle dependence of H-bond energy, 
too. These examples can only stimulate the application of knowledge 
governing the angle dependence of H-bond interaction. 


11.7. Summary 

Experimental indications of the angle dependence of H-bond energy are 
given. IR experiments on solutions of different organic molecules in CCU 
show a preference for angle 0° for H-bonds. Therefore, lactams with 
cis-amide groups form only dimers, carboxylic acids show a preference 
for dimers and form only a few trimers. Oximes in low concentrations 
aggregate as dimers, at higher concentrations as trimers. From the 
T-dependence of these experiments the angle dependence of the H-bond 
energy can be determined. Secondly, the intramolecular H-bonds in 
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dialcohols give similar information about the angle dependence of H-bond 
energy. Thirdly, the matrix technique proves the preference of different 
specific H-bonds. These experiments can be understood by assuming that 
there are distinct cyclic aggregates with different angles. With increasing 
concentrations aggregates of water or alcohols with smaller H-bond 
angles are preferred. From these experiments a quantitative relation 
between the angle of H-bonds and H-bond energy can be given. 

All three methods give similar information on the angle dependence. 
They are in agreement with the angle dependence of the dipole-dipole 
interaction. It is shown that the angle dependence of H-bonds induce a 
cooperative mechanism. This cooperativity is necessary to understand 
the sharp melting point and the properties of liquids. With some examples 
the importance of the angle dependence of H-bonds on the specific effects 
of biochemistry is demonstrated. The angle dependence of H-bonds 
makes the formation of organic hydrates possible. 

Note added in proof 

New results taken with the matrix technique show distinct bands of 
acetaldoxime at 3300, 3200 and 3100 cm' 1 . The 3300 cm" band is broad and 
the 3200 cm 1 band is sharp. This result is a new verification of the 
assumption of two different aggregates of oximes and of the assumption of 
cyclic aggregates. (Behrens and Luck, unpublished results.) 
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12.1. Introduction 


12.1.1. General 

Infrared (IR) spectroscopy has the first place in the history of investiga- 
tions of H-bonding and the largest number of various types of data on 
H-bonded systems have been obtained by it. IR spectroscopy is still the 
most amenable and rapid method for demonstrating the existence of 
H-bonding and characterizing it at least roughly. Even more important than 
the amount of data obtainable is the relevance of informations as to the 
nature of the H-bond on the microscopic level. Indeed, both the electronic 
theories of the H-bond and the theories of proton dynamics have to 
account for the experimental facts discerned by IR spectroscopy. 

Raman spectroscopy has been in the past much less utilized in H-bond 
investigations. Although its general experimental difficulties have been 
largely overcome by the use of modern laser instruments the inherent 
weakness in scattering of groups engaged in H-bonding will hinder Raman 
spectroscopy in becoming equal to infrared in its versatility. However, 
valuable information obtained by Raman techniques are only beginning to 
appear and in hands of good experimentalists this is an extremely valuable 
tool. 

This chapter is limited only to those aspects of IR and Raman 
spectroscopy which are important for the understanding of the nature of 
the H-bond. Thus we shall consider the effects of H-bonding on the 
stretching and bending modes of A-H • • • B systems. Separate paragraphs 
are devoted to very strong H-bonded inter- and intramolecular systems 
because of their very peculiar appearance. The applications of IR 
spectroscopy in determining thermodynamic quantities, studying 
acid-base properties, conformational studies and other topics are not 
included because they are well covered by the recent review papers by 
Pimentel and McClellan [1971] and Murthy and Rao [1968]. 
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12.1.2. Effects of hydrogen bonding on IR and Raman 
SPECTRA 

The main vibrational modes of a H-bonded system A-H • • • B may be 
approximated as follows: 

A-ft • • • B stretching, 1 /( 1 /, in symmetric bonds A-H • • • A) 

Ai-H T •••B, in-plane bending, 8 

A®-H 0 • • • B v out-of-plane bending, y 

A-H • • • B H-bond stretching, in symmetric bonds A--H---A). 

The most information yielding band is that due to the A-H stretching. Its 
characteristic changes on H-bonding are: (i) the low wave number shift, 

(ii) the increase of the IR intensity and decrease of the Raman intensity, 

(iii) the broadening and appearance of submaxima. The deformation 
modes in general shift to higher wave numbers. There is much less 
experimental material available and very little systematic work has been 
done on deformation modes. The 5 mode is most often coupled to skeletal 
modes in polyatomic molecules and appears also in rather populated 
region so that even its detection is often difficult without recurring to 
deuteration. The y mode is usually better localized and consequently 
more promising for further investigations. 

The experimental facts concerning these three modes will be presented 
in the following paragraphs and discussed along with some brief theoreti¬ 
cal implications. The a mode will be dealt with in ch. 16. 

H-bonding in polyatomic systems affects also vibrational modes other 
than the above listed. This occurs both through kinematic effects and by 
alteration of force constants due to electronic effects of H-bonding. 
Examples of the latter as shown by the shifts to lower wave numbers of 
the bands of the proton-accepting groups such as C=0, S=0, P=0 etc. are 
well known. The shift is accompanied also by broadening and intensity 
changes, but these effects have not been studied to any extent comparable 
to studies of the i/ a -h band. For example, the changes in the C=0 band of 
ketones undergoing H-bonding have been quantitatively followed by 
Singurel [1971]. A complete account of the effects of H-bonding on the 
whole molecule can be obtained in principle by a full normal coordinate 
analysis. Only few polyatomic systems have been hitherto worked out, 
e.g. carboxylic acids (Kishida and Nakamoto [1964] and Fukushima and 
Zwolinski [1969]), a hydrogen dicarboxylate ion (Hadzi et al. [1972]), 
some phenol-pyridine complexes (Ginn and Wood [1967]) and carboxylic 
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acid-dimethylsulphoxide complexes (Obradovic et al. [IJ 74 ]). 
analyses have, on top of the well-known shortcomings of the use 
simplified force fields, a limited value because only 
constants are used and thus the anharmon.c.ty of the H-bondl.s not fully 
accounted for. These remarks do not apply to small systems e g. ddttl.de 
ions for which the force field may be more adequately delermined^ 
However, a recent and very detailed study of the force field of the H-bond 
in substituted phenol-pyridine complexes gave a very good ,ns, * ht “ 1 ™* 
influence of complexing on the internal vibrations and cor^Utmns 
between the v and <r vibrations even without recurring to higher-order 
force constants (Cummings and Wood [1974]). 


12.2. The A-H stretching band 

12.2.1. The band shift 

The low wave number shift of the A-H stretching band, AP = 
Pa h -b- Pa-h or better, the relative shift APa-h- b/Pa-h, is very often taken 
as a first-hand characteristic of the H-bond. A low limit of AP caused by 
H-bonding cannot be set since the shifts caused by non-specific medium 
effects gradually grow over to those that can be defined as due to specific 
complex formation (Josien [1961] and Hallam [1962]). The maximal shifts 
of poh bands may be as much as 3000 cm ', e.g. P a = 600 cm ' as observed 
in some acid salts of carboxylic acids (Hadzi et al. [1973]). Nearly as large 
shifts appear also with N-H bonds in the (CN) 2 H-ion (Giidel [1972]) and 
some adducts of isothiocyanic acid (Detoni et al. [1970]). 

Taking AP as a H-bond characteristic it is usually assumed that the shift 
depends only on changes in the bond A-H as caused by the influence of 
the proton acceptor B. However, considering the low wave number shift 
as a weakening of the A-H bond is an oversimplification since the 
observed P a -h wave number depends on the dynamics of the whole 
H-bonded complex. The correct treatment requires thus the knowledge of 
the multidimensional potential function governing the motion of all nuclei 
or, at least, both stretching vibrations of the A-H • • • B nuclei (non- 
adiabatic approach). If the H-bonded system is not isolated, i.e. if the 
molecules associate to ring or chain multimers or interact between them 
through crystal field forces, this will have to be taken into account, too. In 
liquid systems the influence of the medium should also be considered. A 
complete treatment is evidently a formidable task, particularly for any 
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polyatomic donors and acceptors. Most of the existing experimental and 
semi-theoretical approaches to the wave number shift follow the adiabatic 
way which is to consider separately (i) the potential function of the A-H 
group, (li) kinematic influences of other vibrations in the A-H • • • B 
system, and (iii) intermolecular effects. We shall also proceed this way. 
but limit ourselves to essentially single minimum potentials. 

(i) The potential function of the A-H group determines the (adiabatic) 
vibrational levels of the proton. The electronic potential in which the 
proton moves may be obtained by more or less sophisticated quantum 
chemical computations (chs. 2 and 3). The results of such calculations are 
very promising, but not sufficiently precise to be used in a discussion of 
experimental vibrational characteristics of the whole range of H-bonds 
from weak to extremely strong. For the present purpose it is convenient 
to express the potential energy V as a function of Ar, the proton 
displacement from the equilibrium position: 

V = JMAr) J -g(Ar)’ + j(Ar) 4 + •••. 

The "real thing" would be to determine at least the force constants fc e , g, 
and j separately which requires the knowledge of sufficient overtone 
wave numbers, assuming that the diatomic approach is good enough, i.e. 
neglecting the influence of coupling with other vibrations. Now, in this 
approximation and for weak H-bonds (Foldes and Sandorfy (1971)), the 
stretching frequency is given by i/ a = <o c -2X with X = (15g 2 /4<o e - ]j). 
What is in fact available, are the anharmonicity constants X for a 
number of self-associated alcohols and amines, and some alcohols and 
phenols associated to various bases (Couzi and Huong (1970) and Detoni 
et al. f 1974]), and for isothiocyanic acid associated to some bases (Detoni 
et al. [1970] and Morita and Nagakura [1972]) have determined the 
anharmonicity constant of dimeric, formic and acetic acids. These data 
demonstrate clearly that the anharmonicity increases with the increasing 
H-bond strength. Moreover. Asselin and Sandorfy [1971] have shown 
that as much as 40% of the wave number shift in polymeric alcohols is 
accounted for by the increase in anharmonicity. Thus the much disputed 
role of anharmonicity on spectroscopic phenomena in H-bonding (Pimen¬ 
tel and McClellan [I960]) has been cleared. More detailed account of 
work on this problem is given in ch. 13. Experimental data on anhar¬ 
monicity in stronger H-bonds are not available and the hopes of ever 
having them or even analysing A v in terms of contributions from various 
force constants are rather dim because of difficulties in obtaining the 
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necessary overtone wave numbers. The corresponding bands are very 
diffuse (Detoni et al. (1974]), and only the low temperature techniques 
may help. Moreover, the stretching mode in H-bonded systems with 
A • • • B distances below 2.6 A is often represented by several bands 
(section 12.2.5), and A£ is difficult to define. Although these are very 
interesting H-bonds very little is known about their potential functions 
from experimental data. However, the information about some symmetri¬ 
cal H-bonds are more precise. The low wave numbers of the antisymmet¬ 
ric v a stretching observed in the symmetrical H-bonds of (FHF) and the 
HCb radical are determined by the very low quadratic force constants 
which are about 0.4 mdyn/A in the former (Ibers [ 1964]), and 0.06 mdyn/A 
in HCb (Noble and Pimentel [1968]). The contribution of the quartic 
term is small 15%) in (FHF)' whereas it dominates in HCb. For the 
potential functions of H-bonds of intermediate strength estimates may be 
made only in the sense of semi-empirical models such as Lippincott and 
Schroeder (1955] or other model potentials. 

In connection with the wave number shifts and anharmonicity the 
relation between Poh and i>o» should be mentioned which may be 
expressed as p = Poh/i'od (Novak (1974)). This ratio is for free groups 1.35 
and decreases with increasing AP as shown by the example of 
isothiocyanic acid complexes in fig. 12.1. On a number of strongly 
H-bonded systems the observation has been made that the i/ OH band does 
not shift on deuteration i.e. p = 1. From diffraction data these are 
definitely asymmetrical H-bonds whereas in some possibly symmetrical 
H-bonds p is more for the harmonic oscilator, i.e. over 1.4 (Had£i and 
Orel [1973]). For the weaker H-bonds the mass dependence of the 
effective anharmonicity constant is probably responsible for the lowering 
of p. This has been shown to be true for alcohols by Asselin and Sandorfy 
[1971]. Stronger H-bonds and in particular those where p = 1 are discus¬ 
sed in section 12.4. 

(ii) In isolated H-bonded systems the vibration which mainly affects 
through anharmonic coupling the t/ AH vibration is the low wave number 
oa-b mode. For instance, the O-H force constant of the phenol- 
trimethylamine complex calculated without considering a is 
5.493 mdyn/A whereas it is 5.026 mdyn/A when taking the latter in 
account (Purcell and Drago [1967]). The anharmonic coupling of these 
two modes has a much wider interest than just the influence on A v 
particularly for the band width and structure, but the data purporting to 
the coupling constant are scarce (ch. 13). Fermi resonance with combina- 
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Fig. 12.1. The vnm/vnd ratio (p) of isothiocyanic acid bonded to various acceptors vs. the 
relative shift Ai>/»w (1) CCL. (2) nitromethane, (3) acetone. (4) dioxan, (5) tetrahydrofur- 
ane, (6) diphcnylsulphoxide, (7) dibenzylsulphoxide. (8) 3.5-dichloropyridine, (9) dimethyl- 
sulphoxide, (10) triphenylphosphine oxide. (11) trimethylphosphine oxide. (12) trioctyl- 

phosphine oxide (data from Dctoni ct al. (1970)). 


tion and overtones may strongly affect the observed Ai>. This and the 
vibrational coupling of AH oscillators in H-bonded chain structures will be 
dealt with in connection with the band shapes in section 12.2.5. 

(iii) The influence of the medium on Ai/ presents quite a complex 
problem which is closely connected with the structure of liquids. It has 
been studied on ternary systems constituted by a proton donor, a base 
which may form certain types of complexes with the donor, and a more or 
less polar solvent. The bonded p A „ wave number varies in general with 
the composition of the medium and sometimes distinct peaks were 
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observed indicating different types of complexes characterized with 
different APs (Allerhand and Schleyer [1963]). Non-polar solvents exhibit 
small influence on the AP of the H-bonded complex which is explained by 
the reaction field theories (Williams [1961]). However, more or less 
specific interactions leading to short-lived collision complexes are also 
involved even for non-polar solvents (Horak et al. [1965] and Osawa and 
Yoshida [1967]). With more polar solvents, specific interactions between 
the H-bonded molecules and the solvent are rather well established. In 
any case, the Pah wave number of the H-bonded complex appears to be 
considerably more sensitive to influences of surrounding polar molecules 
than the free AH group (Huong and Lassegues [1970]) which is connected 
with the anharmonicity of the bonded AH groups (ch. 13). 

This paragraph will be concluded with some notes on the temperature 
dependence of AP. A temperature dependence of AP has been observed in 
liquids and solids. In liquids it may be caused by changes in equilibrium 
between various types of H-bonded aggregates, each of them contributing 
to the complex shape of the v band. If such trivial causes are eliminated it 
turns out that the anharmonicity constant is temperature dependent. For 
instance for isopropanol, Asselin and Sandorfy (1971) have found 
diWdT = 0.6 and 6XJ6T = 0.28. However, Rice and Wood [1973] have 
found the v 0 n band in the gas phase complex of 2,2,2-trifluoro ethanol and 
trimethylamine to be temperature independent. In solids with stronger 
H-bonds, such as crystalline acetic acid and imidazole there is a definite 
shift to lower wave numbers on cooling whereas potassium bicarbonate 
shows no shift down to 20 K (Lucazeau and Novak [1973]). In isolated 
H-bonded systems a positive temperature dependence of A P is predicted 
from the semi-classical model of Lippincott and Schroeder [1955] and 
A2man et al. [1971], and arises from the anharmonic interaction between 
the v and cr modes. The temperature changes the thermodynamic 
distribution of the individual transitions constituting the broad i'a-h band. 
A quantum mechanical calculation of the temperature dependence of AP 
has been carried out by Rice and Wood [1973] which is based also on the 
interaction between v and cr. The temperature coefficient will be small if 
contributions of individual transitions within 50 cm -1 only of the band 
centroid of v are considered; however, it will be larger if other causes for 
band broadening are also considered. In H-bonded chain structures in the 
solid state cooperative effects and phonon interactions will play a major 
role in the temperature dependence of AP. This is reflected in the 
difference between the above mentioned solids: acetic acid and 
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imidazole form H-bonded chains whereas potassium bicarbonate forms 
only dimers. 

12.2.2. Relation between hydrogen bond length and AP 

Since both the minimum energy position of the nuclei and the vibrational 
energy levels are determined by the potential surface a relationship 
between the bond length R (A - B) and AP ah should exist. Its form was 
predicted from the semi-empirical potential function by Lippincott et al. 
[1959]. The establishing of such a relationship is very important for 
structure determinations by diffraction methods since it helps in predict¬ 
ing the A---B distance on hand of the observed IR wave number. 
Several empirical curves have been published, the latest by Novak [1974] 
(fig. 12.2). In view of the often too limited precision of the crystallo¬ 
graphic data and somewhat arbitrary choice of IR wave numbers due to 
the width and particularly to multiplicity of bands in strongly H-bonded 
systems the empirical relations show pronounced differences. The older 
curves show strong scatter of individual points and could hardly be relied 
upon for comparison with theoretical models. The data collected by 
Novak [1974] suggest a definite improvement. Perhaps the most signifi¬ 
cant feature of this relation for OH • • • O type bonds is the change of slope 
in the range of bonds just below 2.6 A. In judging the merits of such 
empirical relations for any theoretical considerations one should bear in 
mind not only the limitations of experimental nature, but also the factors 
influencing AP and whatever correlations are obtained it is because 
certain factors affecting AP seem to have the same functional dependence 
on R(A-B). A particularly complicated situation appears in the range of 
very short H-bonds, i.e. about 2.5 A and less. Blinc et al. [1960] have 
shown that for such bonds there does not seem to be any relation between 
the distance and this is substantiated also by newer data (Hadzi and Orel 
[1973]). It should be noted that in this region the Poh/Pod ratio also shows 
very anomalous values, i.e. either very low or very high. 

12.2.3. Wave number shifts and bond energy 

Although for idealized H-bonds of the same chemical type a simple 
relationship between the depth of the potential curve and the vibrational 
energy levels involved in AP would be expected, practical systems 
contain numerous complicating factors influencing both the wave num¬ 
bers and the determined A H° values which are usually taken as the 
measure of bond energy. Amongst factors burdening the measured APs 
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Fig. 12.2. Pom vs. O • • • O distance (after Novak (1974)). 

probably the influence of the medium will be most important since the 
concentrations have to be varied in determining the equilibrium con¬ 
stants. The AH 0 values determined spectrophotometrically or else are, as 
well known, composite quantities and contain the energy yielding con¬ 
tribution from the H-bond formation, energy consuming changes in bonds 
affected by H-bond formation, and differences in solvation between free 
and bonded molecules. Thus, it is not surprising that simple relations 
between AP and AH 0 are not general and that many controversies have 
arisen in the literature about the Badger-Bauer linear relationship, e.g. 
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Luckii [1972]. Recent work has vindicated this relationship, but with 
substantial limitations (Pimentel and McClellan [1971] and Stymne et al. 
[1973]). It is clear that there can exist only a very narrow group of chemical 
types of compounds and defined circumstances for which the relationship 
holds so that complicating factors either cancel or have the same type of 
relationship with the quantities in question (ch. 25). 

12.2.4. The intensity 

The integrated IR intensity of v AH is at least as important a characteristic 
of H-bonding as A v. It increases with the strength of the H-bond. In some 
examples of weak H-bonds, e.g. with chloroform as proton donor, also 
with thiols, the intensity is even more sensitive than the frequency 
(Becker [1959] and Bulmer and Shurvell [1973]). Several empirical 
relations between the relative intensity enhancement BIB' and A v have 
been published. The more recent relationship obtained with isothiocyanic 
acid bonded to various proton acceptors which covers the range of Ai> 
from 0 to 1000cm ' is linear: AP = 71 BIB'-70 (Detoni et al. [1970]). 
However, intramolecular H-bonds of the conjugate-chelate type behave 
differently (section 12.5). The intensity determinations are limited for 
practical reasons to liquid systems and not extremely strong bonds. 
Intensity data for very strong bonds which appear mostly in solids are 
missing. However, the intrinsic difficulties in determining intensities in 
solids are augmented in such cases by the extremely diffuse character of 
the i/ah stretching band and the superposition of other bands. 

In contrast to the IR intensity increase the Raman intensity decreases 
on H-bonding. This has been recently demonstrated by Lautie and Novak 
[1972] for pyrrole. While there is a twofold increase of IR intensity upon 
self-association the relative Raman intensity decreases from 0.7 to 0.41 
units. 

The intensity enhancement of i/ AH is very important for the theory of 
the H-bond. It does not depend only on the change in the polarity of the 
A-H bond but on the charge redistribution in the whole H-bonded 
complex with the normal coordinate. The quantum mechanical calcula¬ 
tions using advanced methods are giving the correct order of magnitude 
and for details the reader should see ch. 3. A very precise determination 
of the v 0 H and v oz> intensities in monomeric and dimeric acetic acid by 
Bournay and Marechal [1973] may have far-reaching consequences as to 
the understanding of the processes involved in H-bonding. The ratio has 
been found equal to 2 which is much more than the usual ratio of 
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1.3. Bournay and Marshal attribute this to a breakdown of the 
Born-Oppenheimer approximation in H-bonded systems. 


12.2.5. Band width and structure, phenomenological 

DESCRIPTION* 

Band broadening is under the usual conditions of recording the vibra¬ 
tional spectra the third most conspicuous symptom of H-bonding. txcept 
in cases where the H-bonded entity is isolated by using various types of 
techniques, which will be mentioned later in this paragraph, the ^ , '' oa ‘ len ' 
ing appears to be connected with the strength of the H-bond. The band 
width, usually measured at half the band height and designated »,«, has 
been followed up to 1000 cm"' in systems exhibiting a single band (Detom 
et al [1970]). In some solids exhibiting complex band patterns the extent 
of the area of the stretching band and satellites is even more (section 
12.4). but the Pm is difficult to define. Several empirical relations between 
p l(2 and the H-bond strength defined in terms of bP have been published. 
A recent one (Detoni et al. [1970] covers a wide range of AP using a single 
proton donor, isothiocyanic acid, is expressed as follows: 


Pm = 36+ 1.1 AP — 0.00023 AP 


-2 


The broadening of the i/ AH band is very often accompanied by the 
appearance of submaxima which leads to a variety of band shapes. Some 
typical examples are shown in figs. 12.3.1 and 2. The spectra in this figure, 
although of rather differing appearance, are not intended to suggest the 
existence of any discrete classes of H-bonds. On the contrary, any shade 
of transition between them exists and thus the evolution of band widths 
and shapes with increasing H-bond strength as expressed by AP has 
definitely a continuous character. The examples in figs. 12.3.1 and 2 were 
selected out of this continuity only because various groups of typical 
representatives were in the past approached by different types of in¬ 
terpretations and experiments. On the other hand, several mechanisms 
contribute to the band broadening and formation of the band shapes and 
they participate with different weight depending on the strength of the 
H-bonds and the state of the material containing them. The problem of 
band width and shape of H-bonded systems is a very complex one, and 
most theoretical approaches are lacking in generality, being aimed at 


* This outline of facts and theories concerns only such systems where the v A „ band shows a 
definite maximum. The continuous absorptions are dealt with in ch. 15. 
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Fig. 12.3.1. Examples of IR X-H stretching bands, (a) trifluoroethanol, (b,) trichloroacetic 
acid, (bj) 4,5-vinylimidazole, (b,) hexamethylenetriamine hydrobromide (b t = liquid films, all 

others = mulls). 
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Fig. 12.3.2. Examples of IR X-H stretching bands, (c.) dichloroacetic acid + 
dimethylsulphoxidc, (c,) CsH 2 As0 4 , (c,) diphenylphosphinic acid, (c 4 ) 1- 

carboxyethylimidazole, (d) KH(CF,COO)j (c, = liquid films, all others = mulls). 
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explaining one particular type of spectra. Because of this and particularly 
because of the above mentioned fact that various mechanisms of 
broadening and shaping the i/ A „ band contribute to different degrees we 
shall in the following account of experimental material consider the types 
of H-bonds presented in figs. 12.3.1 and 2 in sequence, keeping in mind the 
continuity of changes of the spectral features. 

In systems of self-associating molecules connected with moderately 
strong H-bonds such as water (ch. 28), alcohols, phenols, oximes etc. i/ AH 
bands as in fig. 12.3.1a are observed. Several factors contribute in shaping 
the stretching band in such systems. An important contribution to band 
width in disordered phases (gas, pure liquid, solution) comes in self¬ 
associating molecules from the possibility of formation of different sorts 
of H-bonded aggregates (chs. 11, 17 and 26). There may be open chains or 
closed ones and they may differ, moreover, in the number of associated 
molecules. The H-bonding in various types of aggregation differs in 
strength and thus causes different band shifts. Since the relative inten¬ 
sities of component bands are concentration and medium dependent the 
band shape varies with dilution. This has been observed with alcohols 
early (Smith and Creitz [1951]) and, in more detail, by BourdSron and 
Sandorfy [1973]. Precise information on the wave numbers of various 
species has been obtained by matrix isolation work (Van Thiel et al. [1957] 
and Barnes and Hallam [1970]) (ch. 22). Other very important information 
obtained by this technique concerns the width of the v band of an isolated 
H-bonded unit, the methanol open dimer. This is only 28 cm 1 which may 
be compared to v x , 2 of the free OH band, 20 cm ' and to the liquid 
methanol where the band width amounts to 290 cm"' (Van Thiel et al. 
[1957]). A significant contribution to the narrowing is due also to the low 
temperature of the matrix, but this contribution is not known quantita¬ 
tively. Different types of H-bonded species causing band multiplicity are 
possible also in the cases where the proton acceptor has more than one 
accepting site, e.g. with carbonyl groups (Fritzsche [1964]). 

Structural disorder in the liquid besides that related to the presence of 
various types of aggregates contributes also towards band broadening. 
Namely, the H-bond oscillator is sensitive to its immediate atomic 
surrounding which causes fluctuations in the A • • • B distance and also, 
through polarization effects, in the internal force field. The spread in 
Raman wave numbers of HDO (liquid) has been treated in this sense by 
Wall and Hornig [1965]. Schiffer and Hornig [1968] have compared the IR 
spectra of liquid water and of simple crystalline hydrates having compar¬ 
able v oh wave numbers and concluded from the observed differences that 
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,he band width in the liquid is largely due to collisions!I distortions^of water 
molecules The calculated Maxwellian distribution of collisional interac- 
,Tot between water molecules with consequences to their vibrational 

dynamics accounts well for the experimental facts. 

The possibility of forming different H-bonded species is absent in the 
ordered, crystalline phase and so is the effect of collisions, but '"stead 
another cause of band multiplicity and broadening is created through 
vibrational interactions, particularly in polymer chains. This mechanism 
was demonstrated in the work of Jacobsen et al. [1967] on single crystals 
of higher alcohols. The asymmetrically shaped, broad v OH band is 
resolved by polarized radiation into two components. When the oscil¬ 
lators are isotopically isolated by allowing for a low concentration of OH 
molecules in the deuterated alcohol or vice versa, a very narrow band 
appears instead of the two in single crystals or of the unresolved broad 
band in polycrystalline material. The width of the isotopically isolated 
band is about 30 cm" similarly as in the matrix isolated dimer. This was 
observed also with small concentrations of CHjOH in CH,OD or CH,OD 
in CHjOH (Dempster and Zerbi [1971]). Even smaller band widths were 
observed on isotopically diluted solid DC1 (6cm'|) (Hornig and Hiebert 
[1957]). The detailed theoretical treatment of the interaction of identical 
oscillators in a H-bonded chain and the calculation of the band shape has 
been carried out by Mikhailov et al. [1973] and good agreement was 
obtained with the experimental facts. 

A rather specific type of band shape is observed in complexes of ethers 
with hydrogen halides and some other complexes in the gas phase. The 
band consists of a central maximum which is accompanied on both sides 
by weaker submaxima at very similar distances (ch. 13, fig. 13.10). The 
latter corresponds-to the low wave number a stretching mode in the 
respective ether-hydrohalide adducts. The explanation for the origin of 
these extra bands proposed by Bertie and Millen [1965] was consequently 


that they are due to sum and difference wave numbers, v + cr and v - a. A 
recent, very careful investigation of temperature dependence of inten¬ 
sities in (CH 3 ) 2 0 - HC1 by Bertie and Falk [1973] lead to the conclusion 
that the highest peak is actually not the “pure” stretching but the v + <r 
whereas the lower wave number shoulder is due to the A-H stretching 
fundamental. Lascombe et al. [1972] came independently to the same 
result. For minor details other combinations are invoked. The complexes 
of cyanides with halogen hydrides give an extremely well resolved fine 
structure which can be explained with hot bands involving the low wave 
number deformation vibrations of the H-bond (Thomas and Thompson 
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[ 1970J). Moreover, a similar fine structure was observed also with the 
deformation band (Thomas (1971 ]). 

The third type of absorption pattern (fig. 12.3.1b) occurs very com¬ 
monly in H-bonds of medium strength in the gas, liquid, and solid states 
and is characterized by the appearance of several or even many submax¬ 
ima dispersed over an extent of several hundred cm"' and forming an 
irregular pattern. The most investigated examples are the carboxylic 
acids, imidazole, amine hydrohalides, and pyridine-phenol complexes. 
These investigations interwoven with hypotheses about the origin of the 
submaxima are focused on two main questions: Has the i/ A „ band an 
essentially continuous character and are the submaxima only superposed, 
or is it composed of many unresolved subbands? Anyway, what is the 
origin of the submaxima? The problem of broadening is, of course, 
present in the first question, too, but the requirements as to the theory are 
different for the case that it has to explain the width of the underlying 
band, i.e. many hundred cm 1 or only the broadening of the components 
by some tens of cm' 1 . 

The answer to the first question is not straightforward; it is not even 
certain that this is the best way to look at this problem. Nevertheless, 
there are many systems displaying A-H stretching bands of clearly 
composite character which is not caused by different types of H-bonds. 
The spectra of amine hydrohalides (Cabana and Sandorfy [1962]), and in 
particular of hexamethylenetetramine hydrohalides (Marzocchi et al. 
[1965]), show numerous very well separated bands of which it is not easy 
to sort out the ‘‘main” ^ N h band. Cooling to below the more commonly 
accessible liquid N 2 temperatures, i.e. to 20 K or less causes important 
narrowing of the component bands and also some redistribution of 
intensities so that the main i/ AH band gains in peak intensity and the 
submaxima loose on it. The component width becomes of the order of 
15-30 cm This is particularly well pronounced in Raman spectra. 
Foglizzo and Novak [1972] have shown this for acetic acid, imidazole, and 
triazole, and Lucazeau and Novak [1973] for potassium bicarbonate. The 
IR spectra of matrix isolated acetic acid (Grenie et al. [1971]), and 
trifluoroacetic acid (Redington and Lin [1971]), also show a considerably 
better resolution of the components than observable either in the gas 
phase or in solution, but these spectra are not as suggestive of discrete 
structure of the broad band as are the Raman spectra of the above 
mentioned solids. It should be noted that the overall extent of the 
complex band is not significantly reduced on cooling. However, the 
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component bands are also narrower .n the spectra of deuterated com 

P t;rri& ^ts suggest . discrete 
structure of the broad , A „ band in certain cases, the most common 
situation is that where the fine structure and broad absorpt.on canno 
be clearly separated from each other. A considerable effort has been 
made to analyze this spectral behavior and to explain its origin. In 
early work, the appearance of distinct submaxima has been attributed to 
simple combinations involving the low wave number stretch.ng ,^ 
p ± ncr (Davies and Evans [1952] and Fuson and Josien [1953]). This 
interpretation was stimulated by rather regular spac.ngs between the 
submaxima appearing in some examples, but were .ater abandoned in 
view of the more extensive experimental material (Bratoz et al. [1956]), 
and particularly by the location of a in the far IR (Haurie and Novak 
[1965] and Hall and Wood [1967]). The wave number of this mode did not 
agree with the spacings between the submaxima in the complex band. 
The early proposal of Newman and Badger [1951] to explain the submax¬ 
ima in the amide spectra by summation bands involving the internal 
modes has been elaborated for carboxylic acids by Bratoz et al. [1956]. 
These authors have proposed detailed assignments of the submaxima in 
terms of binary combinations involving mainly the deformation vibrations 
of the COOH and COOD groups, respectively. Use of isotopic combina¬ 
tions of acetic acid has enabled Haurie and Novak [1965] to bring in more 
details which were slightly altered by Grenie et al. [1971] by using the 
better resolution obtainable in the rare gas matrix. Thus it was possible to 
give plausible assignments to all submaxima. The unusual strength of 
these combination bands was explained by Bratoz et al. [1956] through 
Fermi resonance with the pah fundamental. Fermi resonance implies the 
anharmonicity of the H-bond vibrations, which is now proved beyond 
doubt. The p N h band satellites of the amine hydrohalides were explained 
on similar lines by Cabana and Sandorfy [1962]. Hall and Wood [1967] 
have discussed the v 0 h band structure of pyridine complexes with several 
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phenols and concluded that the submaxima are due to combination and 
overtones of the donor moiety enhanced by Fermi resonance. This was 
also advocated by Iogansen [1968] and Dementyeva et al. [1970], for 
several other H-bonded systems. 

A new type of absorption pattern is found with stronger H-bonds. 
Patterns as in fig. 12.3.2c are quite common with complex molecules in the 
liquid state and in crystals (Braunholz et al. [1959] and Hadti [1965]). The 
characteristic feature is the trio of bands termed for convenience A, B, C 
(from high to low wave numbers) which are affected by deuteration and 
have therefore to be connected with proton motions. Such spectra are 
observed for instance with metal dihydrogen phosphates and arsenates 
(Blinc and Hadii [1958]), organophosphoric and phosphinic acids (Detoni 
and Had2i [1964]), seleninic acids (Detoni and Hadzi [1956]), complexes 
of carboxylic acids with oxo-bases (Had2i and Kobilarov [1966]), and 
many other examples. Spectra of complexes with diatomic or linear 
proton donors such as solid ether-hydrohalide complexes (Seel and 
Sheppard [1969]), and liquid complexes of isothiocyanic acid (Detoni et 
al. [1970]) with oxo-bases, show one main additional band. The H-bond- 
ing in all these systems is by all criteria strong. The O-O distances are 
known for some of the crystals (Hadzi [1972]), and they are in the range of 
2.48-2.57 A. The A H° values have been determined for some liquid 
systems and they are well above 40 kJ mol - ' (Hadii and Rajnvajn [1973]). 
The bands are not temperature sensitive but for some narrowing at low 
temperatures. They appear with similar wave numbers and relative 
intensities also in the Raman spectra (Landsberg and Baryshanskaya 
[1948] and Orel and Had2i [1974]). 

The earlier explanation of the appearance of multiple i/ Q h bands 
originated from work on ferroelectric crystals such as the KH 2 P0 4 type 
ferroelectrics. Neutron diffractions (Bacon and Pease [1955]), suggested a 
statistical distribution of protons close to the center of the H-bond which 
might be caused by proton tunneling in a double-minimum potential. Such 
a potential explained also the ferroelectric properties and the observed 
band wave numbers could be fitted to transitions between the split 
vibrational energy levels of a potential with sensible parameters (Blinc 
and Had2i [1958]). However, the appearance of bands similar to those in 
KH 2 PO 4 in many other compounds with no disorder and the relative 
insensitivity of the wave numbers towards the acid and base strength in 
complexes lead to the dismissal of this explanation (Hadzi [1965]). The 
accumulated examples of this type of spectra suggested a definite 
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in an unusually strong Fermi resonance between the - and the seco 
harmonics of the deformation vibrat.ons (Hadzi [1965]). Thts was sup 
P oZ by the consideration of intensities. The 

the A. B. C bands increases with increas.ng the H-bond strength in 
series of adducts of various carboxylic acids and bases (H«l2i 

Kobilarov [1966]), and, moreover, can be correla ' e< * 
number shift of the center of gravity of the bands (Deton. et al. I 970] • 
The argument was carried further by Odinokov and Iogansen [1972] 
These authors have calculated the Fermi coupling constants from the 
„nd wav. numbers of .he A, B. C bands of sev.ra, o.rboxyhc 
acid-base adducts and found good agreement between the observed ba 
maxima and the deformation wave numbers. The A, B, C bands would 

thus be Fermi “mixtures” of the vah with 26 and 2y OH . 

A straightforward coincidence between the wave numbers of the A, ts, 
C bands and the combination of overtones of the deformation vibrations 
was not found for a number of phosphinic and arsinic acids by Claydon 
and Sheppard [1969]. It turned out that, in fact, the wave numbers of the 
overtones coincide better with the absorption minima between the A, B, C 
peaks than with the maxima. This led Claydon and Sheppard to propose 
an apparently different type of Fermi resonance described and interpreted 
by Evans [1961], as the mechanism creating the appearance of separate 
bands. Following this, the vah complex band is essentially a broad 
absorption that extends over the whole region in which the A, B, C bands 
appear. The broad band is composed of a number of unresolved compo¬ 
nents arising from the anharmonic coupling of the v and u vibrations. The 
overtones of the bending modes may interact by Fermi resonance with 
the components of the broad band having similar wave numbers and thus 
displace the absorption. Since the intensity of the overtones is low a 
“window" is cleaved in the broad absorption band. Such effects are often 
observed in solid acid salts of carboxylic acids with symmetrical or nearly 
symmetrical H-bonds which have very broad bands in the region below 
1500 cm* 1 (section 12.4). A particular merit of the Claydon-Sheppard 
mechanism of creation of the A, B, C bands is that it postulates an 
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originally very broad v AH band. This would be then 1000-1500 cm ' wide 
which is actually in agreement with the empirical A v vs. P„ 2 relationship. 
Moreover, if the center of gravity of the A, B, C bands for H-bonded and 
D-bonded analogs is calculated, the wave number ratio p decreases with 
increasing AP of the center (section 12.2.1), and the wave number interval 
covered by the A, B, C bands in D-bonded analogs is much narrower than 
with the H-bonded system which is again in agreement with systems 
where only one v AH band appears. The fundamental assumption is, of 
course, a strong Fermi interaction between the components of v AH and the 
overtones falling in the zone of the v AH band. If the latter fall near the end 
or out of the zone they will appear as individual bands which may still 
gain some intensity by Fermi resonance. This is for instance the case with 
the overtone of the bending vibration of the solid ether-hydrogen 
bromide adduct in which the bending vibration wave number is 1020 cm ' 
and a medium strong band near 2000 cm"' is assigned to its second 
harmonic (Seel and Sheppard [1969]). In many examples of A, B, C bands 
it is very difficult to decide between the Fermi resonance leading to 
absorption maxima on top of a broad band or resonance cleaving 
windows in it by considering only the argument of wave numbers. 
Because of the anharmonicity involved the overtones and combinations 
will not have exactly the sum wave number of their fundamentals and 
both the throughs and the maxima are broad and of irregular contour. 
Moreover, it will be shown in the next section that, theoretically, these 
two descriptions are intimately related to each other. 

The assumption of Fermi resonance gives the components of the u AH 
band a mixed character. This is reflected in the polarization properties of 
the A, B, C bands which have been studied on single crystals of KH 2 P0 4 
by Hill and Ichiki [1968] and Ratajczak [1969], of KH 2 As0 4 by Ratajczak 
[1972], and of potassium hydrogen phthalate (Orel and Hadii [1974]). 
These studies show that the direction of the maximum transition dipole 
moment of the higher wave number bands (A, B) is not the same as for 
band C. The latter band in KH 2 P0 4 has even two components with 
slightly different polarization properties which is not well understood. 

It was mentioned above that the A, B, C bands do not originate in the 
transitions between the split levels of a double-minimum potential for the 
H-bond. However, this cannot be generalized to all strongly H-bonded 
systems showing multiple v AH bands, although the appropriate potential 
seems to be in operation rather seldom. At least for the complex ions 
(BHB')* where B represents pyridine or substituted pyridines (B') there is 
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concerning the band width will be dealt with here. , 

The stretching bands with lowest wave numbers i.e. below 1600 cm 
are usually associated with symmetrical or slightly asymmetr^al 
bonds. The simplest representatives are the d.hal.de ions, e -*-.< F P> 
alkali bifluorides and the neutral hydrogen d.hal.de radicals isolated in 

rare gas matrices (Noble and Pimentel [1968)). A c °™ derabl " ber an ^ 
examples of such H-bonds are found also in ions of the type (AHA) 
(BHB)* in the solid state (Speakman [1972]), where A and B ar 
polyatomic moieties. Two types of bands are observed in this group of 
H-bonded systems. In the case of crystalline polyatomic systems (Had*, 
et al [1973)). they are broad and extend mostly from about 2000 cm o 
400 cm-' (figs. 12.3.1 and 2), often with poorly expressed maxima, whereas 
in matrix isolated hydrogen dihalides they are quite sharp (Noble and 
Pimentel [1968]). Also, the v, (asymmetric stretching) of NaDF, becomes 
quite narrow in isotopically isolated DF, ions (11% D in HF 2 ). P,« being 
about 30 cm‘‘. This narrowing is attributed by Rush et al. [1972] to the 
decoupling of oscillators, an analogous effect as observed with solid 

alcohols (Dempster and Zerbi [1971]). 

This approach to the “inherent” band width of extremely short 
H-bonds has not been applied to systems of more complex character 
because the number of bands makes it impracticable. However, the 
cooling to very low temperatures is very promising. Substantial narrowing 
of the broad i/. band of acid salts of carboxylic acids was noted already 
for temperatures down to 110K (Hadzi et al. [1973]), but much more 
drastic narrowing occurs at 20 K as shown by Novak [1973] (fig. 12.4), on 
sodium hydrogen diacetate. The v a OHO band is about 50 cm wide and 
shows moreover some splitting into narrower components. The contour 
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Fig. 12.4. Infrared spectra of sodium hydrogen diacetate (Courtesy: Dr. A. Novak) 


of the broad absorption is still apparent but with much reduced intensity. 
In fact, the result of the cooling is essentially similar to that observed with 
systems of medium-strong H-bonds. 

12.2.6. Band width and structure. Theory 

The spectacular behavior of the A-H stretching bands is at the origin of 
considerable theoretical work. It is probably fair to say that the existing 
theories provide an essentially correct, although most often, qualitative 
description of the experimental material. Nevertheless, the i/ A _„ band 
shape problem clearly represents a particularly complex example of the 
general problem of IR band profiles of liquids and solids. It will only be 
considered to be definitely solved when a general theory of IR band shape 
of condensed systems will be elaborated and the present problem 
included into this general framework. This point should not be forgotten 
when reviewing the theories in this field. 

There exist four types of qualitative theories of the v band shape, (i) the 
fluctuation theory, (ii) the predissociation theory, (iii) the double¬ 
minimum theories and (iv) the anharmonicity theories, (i) According to 
the fluctuation theory (Landsberg and Baryshanskaya [194b]), there is 
considerable fluctuation in the AH-- B bond distances in the liquid 
phase. This is due to the fact that the H-bond is an intermolecular force, 
weak compared to genuine classical valence forces. This fluctuation of 
the AH••• B bond distances entails similar fluctuations of the AH force 
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excited VAH^evel has a non-neg.igib.e width, (iii) The double-—m 
theories assume that the potential energy surface govern,ng the proton 
morion in the AH-.-B complex has two equivalent or non-equ,va.en 

minima All low lying vibrational levels are split and the number 
allowed spectral transitions increases correspondingly. If the * e ' ranS, ‘ 
lions are sufficiently blurred by intermodular perturbat.ons a bf oad 
band results, (iv) Finally, according to the anharmomcjty « h ^ « (Brat<>i 
and Had* [1957]). the potential surface determ,nmg AH • ■■ B vibration . s 
exceptionally anharmonic. Several sorts of anharmon.c force constants 
dominate the spectral behavior. The most important coupling ,s that 
between „ A „ and cr„...»; the force constant K A „ assoc,ated w.th r A „ - r. 

strongly depends on r H —b * r *> anc * 


iK* H (r H »)r 2 AH = UK.. + K„ b r b + - )rl = iK..r: + 'sK^rlr* + 


/ 1 1 \ 


This constant makes the , band sensitive to molecular interactions and 
intrinsically broad. The second important anharmonic coupling >s through 
K.u relating r. and some other internal coordinates r„ r, of the complex; 
this gives rise to the fine structure of the broad v band. The cubic and 
quartic force constants K„. K.„ may also be non-vanish,ng (Durocher 
and Sandorfy [1965]). The overall spectral behavior of the » band 
depends on the relative importance of these complex coupling mechan- 

The following criticism can be made of these theories. It can first be 
shown that the predissociation mechanism is never of real importance in 
the problem under discussion. In fact, the deactivation of the */ AH 
vibration through the random time-dependent intermodular perturba¬ 
tion, via (T H b or otherwise, can only be achieved by those of its Fourier 
components which satisfy the Bohr condition hv = E a h~ E 0 . The rep¬ 
resentative wave numbers v of this intermolecular noise are such that 
hv *» kT\ thus at room temperature, there is practically no high wave 
number component available to deactivate 1 i'ah. See also Coulson and 
Robertson [1974]. The double-minimum theories, in their turn, can only 
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reproduce the experimental data for strong, nearly symmetrical H-bonds. 
The major objection is that they do not provide a satisfactory correlation 
between the wave numbers needed to reproduce the fine structure of the u 
band and those observed in the far IR. It should be stressed, however, that 
the problem is not to know whether, or not, the proton motion has 
characteristics reflecting the existence of a double minimum in the 
potential energy curve, but to decide whether or not these characteristics 
are reflected on the v band profile. Finally, the anharmonic theories can be 
considered to represent an improved version of the fluctuation theory; it is 
in fact equivalent to say that K AH depends on r„ „ or to write eq. ( 12 . 1 ). 
The overall agreement between the fluctuation-anharmonicity theories and 
the experiment is now established beyond any doubt, but the agreement is 
only qualitative. Thus the elaboration of a quantitative theory still 
remained a challenge for theoretical physicists and necessary effort has, in 
fact, been made. 

The practical consequence of this effort is the appearance of three new 
theories of the v band profile, (i) the Witkowski-Mar6chal theory, (ii) the 
strong coupling theory and (iii) the Bratos theory (Bratos [1975]). (i) In the 
Witkowski-Marechal theory [1967] (Marechal and Witkowski [1968] and 
Witkowski [1970]), the H-bonded complex is isolated from the rest of the 
liquid or crystalline surrounding and is treated by means of quantum 
mechanics. In its simplest version, the r A „ = r m and r„.. B = r b degrees of 
freedom are only introduced. The *y H . B motion is taken to be slow with 
respect to the v AH motion and the wave function 0(r., r b ) of the complex is 
written in the form of a Born-Oppenheimer product, «A(r„, r b ) = 
4>..(r n , r b )<£ lv (r b ). The key quantity of this theory is 

a = da)„ A Jdr b =» (a>„ AM /2K«,)/C Mb . 

In more elaborate calculations an additional internal coordinate was 
introduced to account for the Fermi resonance type interaction (Wit¬ 
kowski and Wojcik [1973]). The theory lends itself to a practical calcula¬ 
tion and gives an array of spectral lines the envelope of which is 
comparable to that of the experimentally observed v bands (compare with 
fig. 12.5). (ii) If the Witkowski-Marechal theory essentially describes an 
isolated H-bonded complex in the gas phase, the strong coupling theory 
refers to H-bonded solids and makes use of the methods of the solid state 
physics (Fisher et al. [1970]). Here the system subjected to investigation is 
a one-dimensional chain of H-bonded units such that each proton moves 
in a symmetric double-minimum well; the ionic defect H 3 0* in ice is used 




Fig. 12.5. Theoretical reconstruction of the v band of dimeric acetic acid, (a) CD.COOH. (b) 
CDjCOOD (Marshal and Witkowski (1968). reproduced by permission of the American 

Institute of Physics). 

as a basic model. Strong interaction with optical phonons is treated 
mathematically up to an infinite order by construction of a quasi particle 
analogous to the small polaron. This theory which was elaborated in its 
general lines predicts for the v band a broad profile with some structure at 
its low wave number side. Specific statements are made concerning its 
temperature and mass dependence as well as the low wave number shift 
AF. (iii) Finally, the Bratos theory is a semi-classical theory based on 
general postulates of non-equilibrium statistical mechanics; an extensive 
use is made of concepts such as correlation function, correlation times 
etc. In this theory a single H-bonded complex is considered dissolved in 
an inert solvent. The internal vibrations of the complex are treated in 
terms of normal coordinates n, obeying quantum mechanics; the external 
vibrations are described by means of stochastic, time-dependent func¬ 
tions Ni(f) obeying classical mechanics. The idea behind this assumption 
is that the low frequency external vibrations are strongly perturbed by 
molecular interactions within the liquid and take on a random character. 
The vibrations of the complex are supposed to be strongly anharmonic 
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and the anharmonic energy potential function V AH [n, N(f)] contains all 
terms postulated by the anharmonicity theory. A further simplification of 
the theory is obtained by noticing that the characteristic time-scale t of 
this problem is exceedingly short, r == 1 /Ai/ i/2 = 10" u - 10"' 5 s. These times 
are much shorter than the relaxation times of any competing motion of 
the liquid. Thus, if a rough analysis of the band profile only is desired, the 
time dependence in V AH [n, N(t)] can be suppressed by writing 
V A h[m, N(f)]^ V AH (n, V). The band profile reflects the statistical dis¬ 
tribution of wave number shifts produced by V AH (n, N); statistical 
disorder and anharmonic perturbation are key words of the theory of the 
v band profile. The theory lends itself easily to practical calculations and 
leads to the following results. In the case of weak H-bonds the spectral 
behavior of the v band is dominated by the r A h, r H b coupling, i.e. by that 
term of V A h(h, V) which depends on b . Here, the v band profile is, 
essentially, a dissymmetrically distorted gaussian, the half-width of which 
increases, roughly, as VT; compare with table 12.1 and fig. 12.6. The same 
broadening mechanism is operating in the case of medium-strong H- 
bonds and produces a very broad, structureless band illustrated in fig. 
12.7a. However, the Fermi resonance type coupling K mtt between r AH and 
other internal degrees of freedom r,, r, is generally present, too, and gives 
rise to combination bands separated by Evans holes; compare with table 
12.1 and fig. 12.7b, c. Thus the band profile is produced by two 

Table 12.1 

The non-normalized v band profiles for weak and medium-strong H-bonds. The fine 
structure of the latter band is assumed to come from an overtone transition sharp in absence 
of the Fermi resonance perturbation. The parameters arc as follows: to - 2ixv\ to! and u>l 
are the non-perturbed values of the v AH and the overtone frequencies respectively of the 
complex in its average configuration in the liquid; co', and to" are the absolute values of the 
first and second derivative for the same configuration of the Ato AH vs. r AM b curve; f„ and f m 
are quadratic and cubic force constants of the t/ AH „ potential curve and /«,, is the 

anharmonic force constant coupling a and i. 



Medium-strong /(to) 
H-bond 


1 l f- \ i 
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Fig. 12.6. Spectral density function /(a.)of the » band of a weak H-bond (schematical). 



Fig 12.7. Spectral density function /(«) of the p band of a medium-strong H-bond 
(schematical). Curve a: r*„, r„. . coupling is only operating; curve b: r*„, r„. „ and the 
Fermi resonance coupling are operative: the combination level p' is sharp; curve c. r»„, r„ „ 
and the Fermi resonance coupling are operating: the combination level p is distribute . 

interdependent broadening mechanisms. It is thus not a useful question to 
ask whether the v band is essentially a broad band with a fine structure 
superposed on it or an array of partially overlapping combination 
bands. Moreover, according to the theory, the maxima and not the minima 
correspond to the combination frequencies. 

It is probably too early to give an adequate assessment of the value of 
these new theories. It can only be said that they are all of the strong 
coupling type, i.e. they do not use low-order perturbation techniques. 
Moreover, the Witkowski-Marechal and Bratos theories certainly have 
much in common; the v ah, r» b coupling is treated in a basically similar 
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way although there are discrepancies in interpreting the fine structure. 
The considerable differences in theoretical methods and terminology used 
in these new theories may represent a handicap; an effort should be made 
in the future to avoid artificial problems resulting from this situation. 


12.3. The deformation modes 

12.3.1. The in-plane deformation 

The in-plane, 5, and the out-of-plane, -y, deformation modes appear with 
different wave numbers only of course in systems where the proton donor 
is not linear. Systematic work on the in-plane deformation is hardly 
possible because this vibrational mode is in polyatomic molecules usually 
coupled to others and thus the effect of H-bonding is distributed amongst 
the whole normal coordinate. For quantitative treatments complete 
normal coordinate analyses are necessary, but at present only a few of 
them are available. Moreover, the calculated force constants are compar¬ 
able only if the same type of force field is used. For instance, in the 
trichloroacetic acid monomer (in CCI 4 ) the Urey-Bradley force constant 
Hcoh is 0.578 mdyn/A whereas it is 0.803 mdyn/A in the dimer (Obradovtt 
[1972]). This corresponds to the empirically well-known fact that the S OH 
wave number increases with the strength of H-bonding. However, the 
increase of the deformation vibration wave number is certainly much less 
than the wave number’s decrease of the stretching vibration. This is shown 
by the ratios A5 0 d/A£ 0 d obtained with a series of phenols and alcohols 
bonded to various proton acceptors (Hadii et al. [1962]). Deuterated 
donors were used because the Sod vibration is less strongly coupled to 
others. The ratio varies from 0.5 to 0.12 on going from weaker to stronger 
H-bonds. The rate of change of AS appears thus to be decreasing with 
increasing H-bond strength. The same conclusion was reached also by 
Tarte [1958] from a study of solid inorganic systems. 

The range of AS is smaller than that of A£, i.e. about 700 cm"'. Probably 
the lowest Soh wave numbers are found with the metal glyoximates at 
about 1700 cm 1 (Bigotto et al. [1970]). It is interesting to note that both 
the 5 and y vibration wave numbers may be actually higher than the 
stretching vibration wave numbers, e.g. in acid salts of carboxylic acids 
with very short H-bonds (Hadzi et al. [1973]). 

There are very few results concerning the intensities of S AH . The most 
relevant ones were obtained on systems with well-defined deformation 
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m odes such as water and ch.oroform. Van Thiel et al. [1957] have shown 

that the intensity of the water bending mode rather decreases h 
increasing size of the H-bonded polymer which enhances the H bond 
strength The enhancement is reflected in larger A* as well as in the 
increase in intensity of the stretching modes. Similar rcsu j* s "* r 
obtained also by Hadzi et al. [1962] with deuterated phenols and alcohols. 
Huggins and Pimentel [1955] have also found in the system 
chloroform-triethylamine that the intensity of the bending mod*i does _not 
increase in the H-bonded complex but that the intensity of the bending 
overtone 25ch strongly increases. Greater intensity of the bending o e 
tone than the fundamental appears also in some of the d.halide ions 
(Nibler and Pimentel [1967]). The explanation for this is based on a simple 
model in which the electrical anharmonicity of the bending mode plays 
the key role. The intensity of the bending mode derives from the 
(d'aldO 2 ) component in which the charge motion has the same direction 
as that in the X-H stretching mode. This mechanism of intensity 
enhancement of bending overtones has a very important bearing on the 
explanation of the complex absorption pattern in the stretching region. 


12.3.2. The out-of-plane deformation 

This mode has the advantage over 5 that in many systems it is a highly 
localized vibration. In general, H-bonding causes a shift to higher wave 
numbers. Thus you in carboxylic acids increases from about 650 cm in 
monomers to 950 cm"' in dimers and to about 1300 cm 1 in acid salts. In 
this order the i/ OH changes from about 3500 cm 1 over 2900 cm to 
800 cm" 1 . Correlations between v OH and y 0 H for phenols were given by 
Huong et al. [1967], and for y c -H of heptyne bonded to various bases by 
Huong and Turrell [1968]. In the latter paper, the experimental data are 
compared to the relationship predicted by model potentials of Moulton 
and Kromhout [1956] and Sokolov [1965] which connect the stretching 
and bending wave numbers. A more extensive set of data from various 
OH and NH systems have been compiled by Novak [1974]. The roughly 
linear relationship yields a slope Ai/oH/AyoH of about 5.8. Although the 
span of wave numbers covered by the deformation vibrations is smaller 
than that of stretchings the relative shifts A yly are superior to A v!v. 
Huong et al. [1967] have followed also the changes in the half-band width 
and intensity of y 0 H of phenol bonded to various basic solvents. The 
width of y increases approximately as that of v but the intensity increase 
is less substantial. The examples in this study cover a rather small span of 
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H-bond strength (A* up to -300 cm"). The increase of y ll2t and of the 
intensity probably reaches a maximum somewhere since in strongly 
bonded systems the out-of-plane XH deformation band is neither particu¬ 
larly broad nor intense. In very strongly bonded complexes of carboxylic 
acids with bases it is very difficult even to identify the y oli band, because 
of its weakness (Hadzi and Kobilarov [1966]). The wave number increase 
of this vibration is, of course, connected with the additional potential 
imposed by H-bonding on the X-H • • Y deformation, and a relation 
between the H-bond energy and the wave number of y may be expected 
(Iogansen and Rosenberg [1971]), and Rosenberg and Iogansen [1972] 
have proposed a simple relationship between by and the enthalpy change 
AH 0 : Ay 2 = -6.1 x 10 4 AH°. The relationship is based on data for some 
phenols and carboxylic acids, but may be extended to a wider range of 
systems and particularly to diatomics by introducing a coefficient a which 
accounts for differences in the moment of inertia of the donor molecules. 

It is well known that the wave number of the deformation vibrations 
increases on cooling. Konaskova et al. [1969] have even found a quantita¬ 
tive relation between the temperature dependence of the wave number of 
out-of-plane vibrations of NH and NH : and the H-bond length in crystals. 
No extension to hydroxylic or other systems has been attempted so far, 
although it might bring useful information. 


12.4. Symmetrical and nearly symmetrical hydrogen bonds 

In the last decade both diffraction and IR work have brought to attention a 
considerable number of examples of extremely strong H-bonds. Many of 
them show such unusual spectral features that they merit a separate 
presentation and discussion. A much discussed problem common to these 
systems is the type of the potential function of the H-bond, i.e., whether 
this function has a symmetrical single minimum of potential energy (ss), 
two equal minima with a low barrier between them (sd), a single 
asymmetrical minimum (as), or two unequal minima (ad). In principle, 
both the diffraction and spectroscopic methods should be able to differen¬ 
tiate between these types of potentials, but in practice limitations in both 
types of methods result in uncertainties. An example of such difficulties is 
the relatively simple case of the (FHF)' ion. On the spectroscopic side, it 
is the problem of proper assignments of bands which increases with the 
complexity of the H-bonded moieties. Even with (FHF)' this problem is 
not trivial (Blinc [1958]). Diffraction methods, which are practically 
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limited to solids, cannot differentiate between a (sd) and (ss) potential ' f 
he dVstance between the two minima is less than 0.16 A. or the sme.e 

minimum function anharmonic enough to allow for such anamp.itude of 

the proton (Ibers [1964]). In disordered phases a (ad) P° ten ‘ ,a * * 

differentiated from a (sd) one, e.g. KH,PO. (Bacon and Pease [195m 
Both static (on the time scale of the diffract.on experiment) and the 
dynamical disorder will give a distribution of the proton (or deuter ) 
between two sites near the one or the other heavy atom. Combined 
elastic-inelastic neutron scattering may give, however, precise inform 
tion about the potential function of the H-bondI (ch. 24). 

Most of the vibrational studies of systems with very short H-bonds do 
not yield sufficient data for a complete determination of the potential 
function and the conclusions as to the type of the function are either 
tentative or have to be based on additional, independent evidence. 

The majority of examples of possibly symmetrical H-bonds were found 
and discussed in ions of the type (AHA) and (BHB) where A is 
halogen or a polyatomic moiety, B being H,0 or a more complex base^ In 
fact, in such isolated charged systems it is easy to visualize on ground of 
simple valence and charge energy relations that the H-bond potential 
should be either of the (ss) or (sd) type. However, the influence of the 
surrounding may cause deviations from symmetry leading to (as) or (ad) 

P °in discussing the vibrational spectra of crystalline solids with extremely 
short H-bonds, it is useful to adhere to Speakman's classification [1972] 
for acid salts. According to this, in type A salts the center of the H-bond 
coincides with a crystallographic center of symmetry or a twofold axis. 
The two moieties A in (AHA)" exhibit thus identical geometry and the 
same applies to (BHB)*. In salts of pseudo-A type there is no such 
coincidence and hence no constraints as to the equivalence of the two 
H-bonded moieties. However, the differences in geometry should be only 
slight in contrast to type B in which the dimensions of AH and A are 
close to those in the neutral acid and its ion, respectively. In type A salts 
the potential may be either (ss) or (sd), although slightly asymmetrical 
potentials leading to dynamical disorder cannot be excluded from crystal¬ 
lographic evidence only. In pseudo-A and B type salts the symmetric 
potentials are not possible. 

A considerable number of acid salts of carboxylic acids of type A and 
B, and some examples of pseudo A have been studied by diffraction 
methods (Speakman [1972]) and spectroscopically (Hadzi and Novak 
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Fig. 12.8. Infrared spectra of some acid salts of carboxylic acids, (a) potassium hydrogen 
phthalate, (b) lithium hydrogen oxalate hydrate, (c) potassium hydrogen diacetate, (d) 
potassium hydrogen fumarate (mulls at liquid N 2 temperature). 
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[ 1955], Novak [ 1972], Hadzi and Orel [ 1973] and Hadz. et al. [. 1973 ^' d 
salts of type B exhibit vibrational spectra which conta.n combined charac¬ 
teristic bands of the acid and the ion, respectively. However, the usualJ oh 
band of carboxylic dimers or chains is replaced by a more complicated 
absorption pattern which often consists of three maxima as 
section 12.2.5. The center of gravity of these bands is moved to ower 
wave numbers than the ,o„ band of the parent acid. An example of his 
potassium hydrogen phthalate (Orel and Hadzi [1974] and fig. 12.8a). The 
„ OH absorption may shift to still lower wave numbers and thu " ov ^ laps 
the carbonyl bands as, for instance, in the acid oxalates (fig. 12.8b). Minor 
maxima are observable in the region above 1600 cm and they are 
attributed to combination frequencies involving protonic modes (cle 
Villepin and Novak [1971]). There is no sharp distinction between type B 
and pseudo-A acid salts from the structural point of view. Accordingly, 
the spectra of various acid salts of these two types show a certain 
continuity in shifts of the i/ OH band to lower wave numbers. Thus, 
examples of acid salts of these types exhibit poh bands as low as 
1100 cm"'. An example of this is dileucine hydrochloride (Had2i and Orel 
[1973]) in which the two leucine moieties are barely different (GoliC and 
Hamilton [1972]). 

Type A acid salts have been studied more in detail because of the 
interesting dilemma between the statistical symmetry of the structure 
which would be the result of a (sd) type of H-bond potential and the true 


symmetry requiring a (ss) potential. The i'oh band which is now better 
designated as i^.(OHO) appears with type A acid salts in a rather large 
interval between 1200 cm"' and 600 cm' 1 and has the form of a very broad 
absorption (figs. 12.3.2d, 12.4 and 12.8d) extending over several hundred 
cm' 1 interrupted by Evans type transmission “windows" (section 12.2.5). 
Miller et al. [1972] have proposed a different assignment for the v a mode 
of K and RbH(CF 3 COO) 2 , but the assignment accepted here is consistent 
with a large experimental material which includes not only acid salts of 


carboxylic acids but many other H-bonded systems of similar character. 
In powder samples the skeletal vibrations appear mostly as single bands 
which can be resolved into components using single crystals and polar¬ 
ized radiation. This type of spectra has been designated as (ii) (Hadzi 
[1965]). The band does not appear in the Raman spectra (Novak [1972] 
and Hadzi et al. [1973]), and the skeletal Raman bands show slightly 
different wave numbers than the IR bands. In the examples studied by IR 
and Raman spectroscopy the space groups established by diffraction 
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methods were found to be operative also in the selection rules. In some 
cases the Raman active i/,(OHO) band was detected in the region below 
400 cm -1 , but no overtones were found of the v . vibration in agreement 
with the selection rules. The deuteration shift of the band varies 
considerably between different acid salts, the P.(OHO)/i5 8 (ODO) ratio 
being between 1.5 and 1.2 (Hadzi and Orel 11973)). Since the nor¬ 
mal coordinate analysis of a typical example, the hydrogen bis- 
trichloroacetate ion, has shown the v m mode to be highly localized, the 
variable isotopic ratios may be ascribed to differences in anharmonicity of 
the H-bond potential function. The isotopic ratios above —1.4 may 
indicate a (sd) type of function with a low barrier or a (ss) type with strong 
quartic contributions to the potential, but the vibrational data as yet do 
not warrant any more detailed discussion of the potential. However, in 
the example of potassium hydrogen bis-trifluoroacetate additional evi¬ 
dence such as the lack of mass effect on the 0---0 distance (Macdonald 
et al. [1972]) and the low deuterium quadrupole coupling constant 
(StepiSnik and Had2i [1972]) suggest that the potential is in fact of the (ss) 
type. 

The IR spectra of pseudo-A type acid salts of carboxylic acids are 
superficially quite similar to those of type A salts, except for a more or 
less pronounced doubling of the vc-o band and the appearance of weak to 
medium-strong and broad absorptions in the region above 1800 cm' 1 . This 
is in agreement with the absence of symmetry of the hydrogen dicarboxy- 
late entity. The wave number region of the v 0 h band overlaps with that of 
the type A salts but is on the average higher. No clear relation between 
the 0-0 distance and the P.(OHO) or v OH wave number for type A or 
pseudo-A was found (Hadzi and Orel [1973]). A very interesting differ¬ 
ence between these two types of salts appears on deuterium substitution 
and it consists in the lack of isotope effect on the stretching vibration 
wave number. This has been observed also with acid oxalates (de Villepin 
and Novak [1971a, b]). In fact the most conspicuous change in the 
spectrum after deuteration is the decrease of the intensity of the stretching 
band. Two possible explanations for the lack of isotope effect on the 
stretching vibration wave number have to be considered and both are based 
on anharmonic effects. One involves the well-known isotope effect on the 
OHO distance which is expanded on deuterium substitution (Gallagher 
[1959]). Hence, by the combined effect of the relatively smaller Ai/ 0 D and 
the mass effect on the vibration wave number there will be eventually no 
difference or a small difference between the v 0 » and v 0 v (de Villepin and 
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Novak [1971a]). A vanishing mass effect on wave number is possible also 
wit^asymmetric double-mi— po.en.ia.s where one of .he exc, =d 
levels is near the top of the barrier (Somorjai [1963]). However, ab in 
calculations of potential functions for some hydrogen d.carboxylate ions 
gave only single minima in the functions (Roller et al. [1974]). Although 
the first hypothesis may explain the wave number behavior on deut t o n 
the large loss of intensity remains an interesting problem. Infrared spectra 
very similar to those of pseudo-A type acid salts were obtained by Novak et 
al. [1965, 1966] with a-amino polycarboxyiic acids. 

The hydrogen dicarboxylate ions exist also in solution and some 
spectra have been recorded by Pawlak [1973]. The IR spectra of ions of 
the (BHBf type have also been investigated. When B are complex 
oxygen bases such as acetamide (Albert and Badger [1958]), formamide 
(Belin [1973]), picoline-1-oxide (Hadzi [1962]), and other N-ox.des (Szaf- 
ran [1963]), or ether (Lassegues et al. [1971]), the spectra are of type (u). 
The same is true also if B is the water molecule, i.e., (H 5 0,) ion which is 
present in hydrates of strong acids such as HC1-2H,0, HBr-2H ; 0 
(Rosifere and Potier [1972] and Gilbert and Sheppard [1973]), or 
HC1(V2H:0 (Rosifcre [1973] and ch. 14). In all these examples of 
symmetrical or nearly symmetrical OHO bonds the u 0 h vibration is near 
1000 cm-. In contrast to this, the *.(NHN) in the bis-trimethylammon.um 
ion has been found (in solution) near 2100 cm- (Masri and Wood [1972]) 
and the spectroscopic evidence favors a (ss) potential function. Both the 
asymmetric ions [trimethylamine-H-pyridine]" with a (as) potential and 
the symmetric [pyridine-H-pyridine]* ion with a (sd) potential have the 
vnh band in the same region (Clements et al. [1971] and Masri and Wood 
[1972]). However, the v . vibration in the H(C=N)i ion present in the 
HjCo(CN) 6 complex has again the low wave number of about 1000 cm 
(Giidel [1972]). This and some related complexes (Beck and Smedal [1964] 
and Evans et al. [1964]), show very broad absorption due to i/.(NHN) 
similarly as the acid salts of carboxylic acids. 

Although most of type (ii) representatives of spectra are observed 
with complex ions (AHA)* and (BHB)* some examples are known 
amongst formally neutral systems. One of them is di-p-chloro- 
phenylphosphate, but this compound exhibits the type (ii) of spec¬ 
trum only in the solid state whereas in the spectrum of the melt the 
broad r'.(OHO) band culminating at about 1100 cm' 1 , is replaced by the A, 
B, C pattern above 1600 cm' 1 (Hadzi and Novak [I960]). Another example 
is the adduct of pyridine-N-oxide and trichloroacetic acid. Both this and 
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the previous one have extremely short H-bonds of about 2.4 A (Calleri 
and Speakman [1964] and Goli£ et al. [1971]). Several other acid-base 
adducts have also spectra of type (ii) (Hadzi and Kobilarov [1966]) both in 
the solid state and in solution. It may be surprising that the adducts 
formed by H-bonding of two quite chemically different molecules do 
exhibit spectra which are so similar to those of symmetrical or nearly 
symmetrical H-bonded systems. Apparently the potential of the H-bond 
is of a nearly symmetrical type in spite of the formal difference between 
the proton donor and acceptor. The possibility that the acid-base adducts 
form double-complex ions (AHA)'-(BHB)* both of which exhibit type (ii) 
spectra is advocated by Dega-Szafran et al. [1973], but at least in the 
crystal this is excluded by the results of diffraction work (GoliC et al 
[1971]). 

Perhaps the most studied example of potentially symmetric H-bonding 
is HCrO, and, quite similar, HCo0 2 . Their i/.(OHO) band is near 
1600 cm 1 and the spectrum was interpreted in terms of a (ss) potential 
(Delaplane et al. [1969]). However, the band shows a strange isotope 
effect. The j'.(ODO) band appears to be split into a doublet, but the center 
is not shifted to lower wave numbers compared to i/,(OHO). This was 
interpreted as a change of the potential function to the (sd) type. 
However, it is very likely that the splitting is foreshadowed by an Evans 
type of transmission window caused by 2 x S OD (Sheppard [1972]). The 
position of the transmission maximum corresponds almost exactly to this. 
The lack of the isotope shift of v OH may be due to the isotope effect on the 
0"-0 distance which is substantial. 

Considerable work has been devoted to hydrogen dihalides other than 
the classical example of symmetrical H-bonding which is the (FHF)“ ion 
(Pimentel and McClellan [1971]. All (XHX) as well as the mixed (XHY)" 
ions exist in salts with large cations such as tetraalkylammonium (Evans 
and Lo [1966] and Salthouse and Waddington [1966]) and cesium (Nibler 
and Pimentel [1967]). The structure and also the wave numbers of the 
dihalide ions are influenced by the cation. Even the (XHX) - ions may not 
be centrosymmetrical. The neutral dihalide-free radicals HC1 2 , HBr 2 and 
HJ 2 obtained by matrix isolation techniques are very interesting (Noble 
and Pimentel [1968], Bondybey et al. [1971] and Noble [1972]). The bands 
are very narrow in contrast to those of the crystalline solids. This and the 
detection of combination bands make possible the calculation of force 
constants. The potential function is of the (ss) type with considerable 
quartic contributions. A comparison of vibrational potential functions of 
the dihalide ions and radicals is given by Noble [1972]. The IR spectrum 
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nf the complex HjN-HCI was also obtained by matrix isolation (Ault and 
Pimentel [ 19731). This is one of the most interesting examples of extreme y 
strong*H-bonded systems which has a (as) type potenua. func .om n 
contrast to the crystallized ammonium chloride there .s no proton transfer 
in the matrix isolated HjN-HCI. The ,„o wave number ts very low, 
630 cm- and the force constant is accord.ngly small '°- 1 4 mdyn/A . 

The spectra of simple, matrix isolated systems with extremely strong 
H-bonds are most instructive and appropriate for quantitative treatments, 
in contrast to this the spectra of the solid complex systems with 
symmetrical or slightly asymmetrical H-bonds are still incompletely 
understood and offer many open problems. The striking difference in 
band width between the matrix isolated species and the crystalline solids 
and particularly the unusually extensive low temperature shifts of the * 0 .. 
bands in some acid salts which may amount to 30% (Hadii and Orel 
f 19731), indicate that simple approaches considering only vibrations of the 
isolated H-bonds are not adequate for crystalline solids. Phonon coupling 
effects evidently play a very important role in the latter. 


12 .5. Intramolecular hydrogen bonds 

Most of the work on intramolecular H-bonds originates from problems 
connected with the stabilizing influence of such bonds on the configura¬ 
tion of molecules and the influence on acidity or basicity, and other 
aspects of chemical behavior. Since this is not within the scope of this 
chapter and, moreover, has been rather recently reviewed (Tichy [1965] 
and Murthy and Rao [19691). we shall touch here only on some spectro¬ 
scopically outstanding features of systems with strong intramolecular 
H-bonds. Compared with intermolecular bonds and weaker intramolecu¬ 
lar bonds, little systematic work has been done on molecules with strong 
intramolecular H-bonds. One reason for this is certainly the limited 
number of available compounds. The other reason which will become 
clearer in the following paragraphs is the difficulty in locating the 
stretching bands. The shortage of reliable data on the proton position is 
also destimulating. 

The peculiarities of intramolecular H-bonds appear in the so-called 
conjugate-chelate systems, e.g. 

X=Y. 

-CC ‘H (X-Y: C=0 or NO) 

^C-O 

I 
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with well-known representatives such as o-nitrophenole, salicyladehyde, 
enolized 0-diketones and peri-hydroxyquinones. In contrast with the 
comparable intermolecular H-bonds the integrated absorption intensity is 
small (Detoni et al. [1974]): 



VOH 

(cm"') 

A x 10* 

(mol r'cnT*) 

A 

para/ortho 

o-oxyacetophenone 

3050 

315 


o-oxybenzaldehyde 

3150 

304 


o-nitrophenol 

3240 

200 


p-oxyacetophenone 

3310 

1247 

3.9 

p-oxybenzaldehyde 

3290 

1357 

4.4 

p-nitrophenol 

3270 

1368 

6.8 


Peri-hydroxyquinones have been noted to show no v OH band at all 
(Josien et al. [1953]), and only in unusually thick layers the presence of 
this band could be demonstrated (Hadzi and Sheppard [1954]). Similar 
observations were made also with formazans (Otting and Neugebauer 
[1968]). l-hydroxy-2-formylfulvene exhibits no distinct i/ 0 h band (Hafner 
et al. [1964]) but an irregularly increasing absorption which extends over 
the range of 2900-1600 cm '. The 0***0 distance is about 2.5 A (Pickett 
[1973]). Although the position of the proton is uncertain the H-bond in this 
example and in enolized 0-diketones is certainly rather strong and the 
i'oh wave number is accordingly low. Yet the v OH intensity is far less than 
for intermolecular bonds of comparable strength. The extreme case in this 
series is the hydrogen maleate ion 

J> H- O^ “T 

o=cC X=o 

c=c 

✓ \ 

H H 

The structure of this ion is well known from diffraction work on 
KH-maleate (Ellison and Levy [1965]) and it contains a symmetrical 
H-bond. A i'.(OHO) band has so far not been identified. It should be noted 
that the IR spectrum of KH-maleate is in this respect quite different from 
the spectra of acid salts of carboxylic acids with intermolecular H-bonds. 
Similar to the maleate ion the spectrum of picolinic l-oxide-2-carboxylic 
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acid does not show any distinct band (Brzezinski et al. [!W3]). Thus 
the weakness of the vo„ band is not connected with symmetry as one 
might surmise from the example of the maleate .on, but is most probably 
duJ to the electronic configuration of the chelate ring. The charge-transfer 
contribution to the usual intensity of the mtermolecular H-bond is, in the 
conjugate rings, probably compensated by electronic shifts in the rings 
and thus the dipole-moment change with the proton vibration is small. 

Metal complexes of dimethylglyoxime and glyoxime have been re¬ 
peatedly investigated by diffraction and spectroscopic methods with 
particular attention to the short intramolecular H-bonds. The case ot 
nickel dimethylglyoxime is particularly well known because of its very 
short (2.43 A) and allegedly symmetrical H-bond (Rundle and Parasol 
[1952] and Godycki and Rundle [1953]). The v.(OHO) was attributed to a 
band near 1600 cm"'. Later assignments preferred this band to be due to 
5oh and v. was assigned to a weak band near 2300 cm" 1 (Blinc and Hadzi 
[1958] and Bigotto et al. [1970]). However, the broad and strong absorp¬ 
tion culminating at about 1000 cm"' (Had* [1973]) which is quite similar to 
the one appearing in type (ii) spectra was disregarded by these authors. The 
analogy may be made more precise as the absorption shows the isotope 
effect just as with acid salts of type A (Hadzi et al. [ 1973]). This would then 
be in agreement with a (ss) type of potential function. Nickel glyoxime is 
similar in this respect. Other glyoximates with wider 0---0 distances do 
not show type (ii) spectra, but usually k 0 h bands corresponding to rather 
strong H-bonds. Although the glyoximates contain formally intramolecular 
H-bonds there is obviously no conjugation as in the previously described 
examples and thus the spectral features are the same as in intermolecular 
bonds. 

Acknowledgements 


The authors thank all their coworkers for their assistance in research of 
H-bonds. They are indebted to Dr. A. Novak for the communication of 
some results prior to publication and for fig. 12.4. 


Note added in proof 

A general review by Wood [1973] of the vibrational spectra of H-bonded 
complexes has appeared in which the effects of double minimum potentials 
are rather extensively treated. Further examples of stretching mode 
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coupling in solids (trimethylammonium halides) and narrowing of the by 
isotopic dilution have been observed (Houng and Schlaak [19741). A very 
important paper considering this aspect based on Raman spectra of 
alcohols will be published by Perchard and Perchard [ 1975). These authors 
have also made depolarisation ratio and intensity measurements and 
demonstrated that the Raman stretching intensity of alcohols increases 
with H-bonding. Further examples of Millen-type of structure of the v 
band of H-bonded complexes in the gas phase were observed by Hussein 
and Millen [1974), Barnes et al. [1974]. The substructure of the v band in 
medium-strong H-bonds attracted further attention. The experimentalists 
have produced evidence of the Fermi resonance mechanism in creating the 
submaxima. Thus Foglizzo and Novak [1974) have assigned to various 
combination modes a number of submaxima in the Raman spectra of 
crystallised acetic acid and all possible deuterated analogs. Wolff and 
Muller [1974] have shown that the variation of the H-bond strength of 
imidazole bonded to various acceptors does not influence the wave 
numbers of the submaxima but only their intensity which is in favour of the 
Fermi resonance mechanism. Zellsman and Marechal [1974) have pub¬ 
lished spectra of the 0-form of HCOOH and HCOOD at three tempera¬ 
tures including 7K. The spectra were recorded under extremely careful 
conditions because they will be used for subsequent theoretical interpreta¬ 
tion. On the other hand, Witkowski and Wojcik [1974] have published 
reconstructions of the band shape of uracil [1974] and of methylthymine 
[1973]. It is now rather evident that the explanation of the band width and 
band shape has to take in account both the interaction of the high and low 
frequency vibrations of the H-bond as well as the Fermi resonance with 
overtones and combinations of the internal modes. This is actually 
provided for in the Witkowski and Wojcik’s [1973] Hamiltonian, but has 
now been extended to interacting H-bonds (Wojcik [1974]) and numerical 
computations are announced in this paper. 

The v n-h band shape of very strongly H-bonded complexes of the 
(BHB')‘ type has been further explored by Dean et al. [ 1975], Wood [1974], 
and by Borah and Wood [1974]. Evidence is given for the role of Fermi 
resonance in producing transmission “windows”. The anomalous intensity 
ratio of the v 0 » and i/ 0 d bands of acetic acid observed by Bournay and 
Marechal [1973] has been reinterpreted by the same authors and is now 
attributed to the interaction between the high and low frequency vibrations 
of the H-bond (Bournay and Marechal [1974]). 
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13.1. Introduction 

H-bonds are often divided into different categories according to their AH 
values. The line of separation is. of course, difficult to draw but for the 
purposes of this review we shall consider weak or moderately strong 
H-bonds those having enthalpies of formation less than about 8 kcal/mole 
and strong or very strong those having AHs in excess of this. The more 
spectacular spectral phenomena are observed on systems having strong 
H-bonds but the weak or moderately strong H-bonds are by far more 
prevalent in nature and we devote this review to the latter. 

In order to gain an insight into the nature of H-bonding it is essential to 
obtain information on the shape of the potential surface in these systems. 
Of particular interest are its anharmonicity and possible double-minimum 
character. 

The potential curve of almost every chemical bond can be adequately 
represented by a Morse curve. If an X-H bond (where X is an oxygen or 
nitrogen atom in the most typical cases) is a proton donor in a H-bond its 
potential curve is expected to undergo significant changes due to the 
interaction of the proton with the proton acceptor atom Y. 

For a diatomic oscillator the potential is usually expressed in the form 

V = ikQ 2 + k,Q 3 + k,Q 4 + ..., (13.1) 

where the first term is the harmonic potential and the higher terms 
represent the mechanic anharmonicity. k t k>> /c 4 ,... are the harmonic, 
cubic, quartic,... potential constants respectively and Q is a normal 
coordinate. In the usual approximation second-order perturbation theory 
is used with 

H' = k 3 Q*+ k 4 Q 4 (13.2) 

as the perturbing potential. This amounts to the same as the Morse curve 
approximation. The perturbational treatment yields, for the vibrational 
terms: 

G v = a> c (v +s) + X(y+5) 2 


(13.3) 
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where o>* is the “harmonic” frequency, v is the vibrational quantum 
number and X is given the negative sign if, as in most cases, its presence 
diminishes the observed wave number. The wave numbers (in cm"') are 
given by n 

v 1 = u)cV + v(v + 1)X. (13.4) 

In particular, the wave numbers of the fundamental, the first, and the 
second overtones are: 

i/ 0, = oie + 2X, p m = 2o) e + 6X, */” = 3<u e +12X. (13.5) 

Since the oscillator is not harmonic, 

01 I 02 , A 

v —\v * 0 

and this difference is defined as the (first) anharmonicity constant X 
(often noted as - oj e X € where o> e is again the harmonic frequency in cm' 1 ). 
It is easily deduced from (13.5) that 

, r (13.6) 

and so forth. 

The relation of X to the potential constants is, to the same approxima- 

tion: ,, , 

X= \5k)l4co e -lk 4 . (13.7) 

It is very important, for the understanding of the nature of H-bonding, 
to determine the effect of H-bonding on anharmonicity. It is an important 
factor in all the characteristic phenomena linked to H-bonding. Vibra¬ 
tional spectroscopy exhibits the best known of these: the shift (Ai/) of the 
X-H stretching band to lower wave numbers, the increased intensity and 
great breadth of this band and some other phenomena. 

Anharmonicity can be expected to affect the vulnerability of the system 
to solvent and other intermolecular perturbations and thus the breadth 
and shape of spectral bands. To understand this it is sufficient to refer to 
Buckingham’s theory [1958, 1960a, b] which now appears as a special case 
of more general relaxation theories* when orientational relaxation 
mechanisms can be disregarded. In this theory the intermolecular poten¬ 
tial ( U) is expanded in a Taylor series according to the normal coordinate: 

u= U(Q)= U.+ U'Q+iU"Q*+... (13.8) 

where, for a given solute-solvent configuration and at the equilibrium 
separation, U c is the intermolecular potential at r = r e , and U' = 


•See ch. 12, section 12.2.6. 
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+ U' + (v +i )05k,l4a>. ^> 139) 

As it is seen the effect of the solvent on the vibrational energies depends 

on products of the anharmonic potential c ° i nStan ‘ S ten °J ial the in ,S ° gher 
molecule and derivatives of the intermodular poWntmK In h ghe 

approximations more such terms come m (F oldes and San ^ * 1 
and Durocher and Sandorfy [1967]). The band-width will also depend on 
such products. If the width comes essentially from fluctuations in 
solvent environment Buckingham's theory [1960b] yields for the second 
moment (mean square displacement from the mean) 

A ! = ([o> i~o — (a* i—o>o] J )o = (B.lhco,.m U*-3k ) U-)\-(U''-lk,U')l] 
u + higher terms (13.10) 

(for the fundamental, to the second order). Y 

So the question is: How anharmonic is the potential of the X H Y 
system? We might try to answer this experimentally, at least for weak 
H-bond systems, by measuring overtones and combination tones in the IR 

spectrum comparing free and associated species. 

The point of the above argument is that it shows that even if we know 
nothing more than the anharmonicity constant of the X-H stretching 
vibration this might help us in understanding such important spectral 
observations as the frequency shift and broadening of the X-H stretching 
band due to H-bond formation. 

It is by no means sure that the above second-order perturbation 
treatment is valid for H-bond systems. Model calculations by Foldes and 
Sandorfy [1971] have shown that It, must not exceed 7 or 8% of k and 
a similar relationship must hold between k„ and k, for it to be valid. 
According to our experience this is probably fulfilled for weak H-bonds 
with AH values not higher than about 3 or 4 kcal/mole. (Self-associated 
amines or thiols fall into this category as well as self-associated dimers of 
alcohols but not their "polymers".) Some attempts to apply a perturbation 
treatment of higher order have been made but for our present purposes 
we shall satisfy ourselves with the simple second-order formulas. These 
are certainly sufficient to illustrate the complexity of the anharmonicity 
problem connected with H-bonding. 

The anharmonicity of the X-H stretching vibration is by no means the 
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only target for research in this field. Even if we consider only one isolated 
X-H• • • Y unit we have one more stretching vibration, the (XH)-- Y or 
bridge vibration and a bending vibration which, for a linear arrangement, 
is degenerate. In order to facilitate reading we are reproducing here the 
well-known second-order formulas for the general vibrational term and 
wave numbers of a triatomic system. Since for the more complex molecules 
in which we are interested the degeneracy is lifted, we give only the formulas 
applying to the non-linear triatomic case with no degeneracy. 

With the usual notations, if G(ui, v 2t v y ) is the vibrational term for a set 
of quantum numbers v lt v 2 and the cos are the respective harmonic 
frequencies in cm 1 X M , X 22 and X» the anharmonicity constants for the 
three normal vibrations and X, 2t X xy and X 2J the anharmonic coupling 
constants between them, we have that: 


G(v i, v 2> v y ) = a>i(ui + 5) + a> 2 (u 2 + s) + a>j(u s + 5) + Xn(u, + + X 22 (u 2 + !)* 

+ X yy (v y + i) 2 + Xi 2 (i>i + j)(u 2 + J) + Xu(ui + 5 )(uj + 5) 

+ X 25 (t> 2 + i)(t>, + })... (13.11) 

Using eq. (13.11) we obtain for the wave numbers, if for example vV and uV 
are the fundamental and first overtone of and i/j + i/ 2 , vi + 2v 2 are 
combination tones with v a = 1, y 2 “l, v y = 0 and Ui=l, v 2 = 2, v y = 0 
respectively from the = v 2 = v y = 0 ground state the expressions given 
under (13.12) and (13.13). 


i/?'= a>, + 2X„ + !X, 2 + 5X.3, 

v° 2 = 2coi + 6Xn + Xi 2 + Xu = 2vV + 2Xn, 


(13.12) 


and similarly for v 2 and v y . 

Let us call v x the X-H stretching mode, v 2 the in-plane bending mode 
(sometimes designated as 5) and v y the bridge stretching mode. A simple 
fact, often disregarded by those who work in the field of H-bonding, is 
that the frequency of a fundamental depends not only on the “harmonic” 
frequency and the given vibration’s own anharmonicity constant but also 
on the coupling constants. This means that if we want to interpret Ai/, the 
shift occurred upon H-bond formation, we have to take into account the 
effect of H-bonding on all the constants entering a v°\ including the 
coupling constants. As we shall see we know little about these. 

The wave numbers of combination bands are also easily derived from eq. 
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(13.11). For example: „ „ x 

v ,+ v, = oh + oti + 2 Xii + 2Xu + 2Xu + lAu + = "■ +v, + X 

p, + 2 v, = o>, + 2(dj + 2X„ + 6X„ + IX, + iX, 2 + X» 

= vV + 2vV + 2Xj> + 2X„ = + *’? + 2X ' 5 
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with 


and 


X„ 


I 02 01 

IVx - V\ 


x„ 


. 01 01 

( 1 /, + Vy)- Vx - vy 


(13.13) 


sr.'sas ssrsr 

r.::—v.“.~ :»”"—•••.. 

we can compute a coupling constant „ and the 

(The relation between the anharmomcity constants X,J*. • • 
potential constants is much more complicated than for X ,n.the d» « 
case These expressions, to the second order, were given by Nielsen 
(1951 .959] (see also Parizeau et al. (1965)). To our knowledge no 
attempt has been made to extract potential constants from the anhar- 
monidty constants in the case of H-bond systems. Model ca culat.ons by 
Foldes 11971] were based on the diatomic approximation .) 

The larger molecules which form the H-bonds important in nature have 
many more than three normal vibrations. There can be an m-plane and an 
out-of-plane (y) bending mode for the X-H bond, low frequency X ■ • • Y 
bending modes and, of course, many other vibrations in the X and 
molecules. Some of these might have appreciable coupling constants with 
!/„ V 2 and v, and H-bond formation might have a non-negligible influence 

on them. . . . . 

Thus, if we wish to study the effect of H-bond formation on mechanical 

anharmonicity we have to face a complex problem. Electrical anhar- 
monicity introduces additional complications. 

The transition moment for a diatomic oscillator is usually written in the 

form: 


R = J 'V. n'V.-d 


(13.14) 


* Recent calculations of Janoschek et al. relevant to this subject are reported in section 3.3 
(cf. Janoschek et al. [1973]). 
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where the instantaneous dipole moment, /x, can be expanded into a Taylor 
series with respect to the equilibrium distance 

M + (d/x/dQ)«Q + (d J /i/aQ’)<Q' + (3 Vl9Q\Q' + • • • (13.15) 

where the sum of the higher than linear terms is called the electrical 
anharmonicity. With these the transition moment becomes: 

R = (a/x/aQ). J MvQ>lVdT + (aV/aQ J ), J f. Q'r-dr 

+ OV/5Q’).J V.-Q'V.- dr + ... (13.16) 

Normally the contribution of the quadratic and higher terms to the 
intensity is small. We must ask the question, however, if H-bond 
formation has an appreciable effect on electrical anharmonicity or, in 
other words, if it causes an appreciable departure from linearity in the 
variation of the dipole moment with the normal coordinate. 

Then again, in the polyatomic case the problem becomes much more 
complex. In addition to the dipole-moment derivatives in eq. (13.16) there 
will be a number of derivatives with respect to two or more normal 
coordinates such as 

(dV/*Qi*Qi). (a V/3Q.dQi<>Q>). etc. 

We know nearly nothing about these. Furthermore, a Taylor expansion 
around the equilibrium geometry is justified only for small 
amplitudes.... 

13.2. Does hydrogen bond formation increase the mechanical 
anharmonicity of the X-H stretching vibration? 

In this review we are concerned with weak or moderately strong H-bonds 
having A H values not exceeding, say, 8 kcal/mole. According to our 
experience with such systems the effects of anharmonicity are sufficiently 
limited that we can describe them in terms of overtones and combination 
tones, and the concept of normal vibrations does not have to be discarded 
in dealing with such systems. It is quite possible that for very strong 
H-bonds the different normal modes interact so much that the vibrational 
problem cannot be even approximately treated in terms or perturbed 
normal vibrations. This is beyond the scope of the present review, 
however. 

Several theoretical approaches were used in order to obtain potential 
surfaces belonging to H-bond systems. We are mentioning only those of 
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Lippincott „„d M955. «TO»- ^555.'££ S 

ZS. 2 op the anharmonicity - 

ools^ble second overtones for a number of bands in H-bonded system^ 
Sincfthese bands are usually broad it required the measurement of 
infrared spectra at low temperatures. In order to measure solution spectra 
aHow temperatures we had to find solvents which can be cooled to low 
temperature and which have sufficient transparency tn the parts of he 
infrared spectrum which are of interest to us. Two such solvents are a 1.1 
mixture of CCIjF (freon-11) and methylcyclohexane (henceforth ab- 
"eviated L FM and a 1:. mixture of CCI.F and CF.Br-CF Br (freon 
H4-B 2) (FR) (Durocher and Sandorfy [1966. 1967]). Most of the results 
which are mentioned in this review were obtained one o ft ese two 

solvents. Both of them become rigid glasses at about - 140 C. (In 
cases significant differences were observed between the spectra measured 
in the two. the bromine-containing solvent favoring the less associated 
species (Bernard-Houplain et al. [1971]).) Outside of making .t poss.ble to 
obtain better defined peaks these solvents enable us to follow the changing 
pattern of associations from room temperature down to liquid nitrogen 

^TheTystems we studied most thoroughly were self-associated alcohols, 
amines and thiols but more recently several ternary systems (the proton 
donor and acceptor being different molecules) have also been studied. 

In order to compute anharmonicity constants we have to identify the 
associated species present and have to make assignments for fundamen¬ 
tals and for the overtones. Certain major difficulties are encountered when 
we are trying to do this. These are essentially the following: 

1. The first overtone of the X-H stretching vibration of a H-bonded 
complex might coincide with a combination band of CH and XH 
stretching vibrations. This was first noticed by Luck and Ditter [1968]. 

2. The coupling between two X-H bonds in a H-bonded species 


• • • X-H • • ■ X-H • • • 
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might be sufficient to produce an in-phase and an out-of-phase mode. This 
could yield two fundamental bands which could be mistaken for bands 
due to two different H-bonded species. If this is so, three bands might 
appear in the region of the first overtone: uV ym , *'"l and (v xym + i/ u% ) and four 
in the region of the second overtone: uV ymt i(i/ %ym + 2i/.0 and (2*/. ym + 
These bands may or may not be distinguishable according to cases 
and the observed broad bands might contain more than one of them. 
Evidence for the existence of two fundamentals due to this coupling has 
been presented by Jacobson et al. 11967-1968] in crystalline alcohols. It 
can be considered as a case of Davydov splitting and more recently it has 
been thoroughly examined by Mikhailov et al. [1973].* 

3. The possibility exists for simultaneous excitations of the vibrations 
in two X-H groups bonded together by a H-bond. This would yield 
bands which could be mistaken for “overtones” with near zero-apparent 
anharmonicity (Ron and Hornig [1963] and Asselin and Sandorfy [ 1970]). 

4. Bands due to simultaneous excitations of vibrations belonging to 
two different molecules could exist (Romanet [1971] and Burneau and 
Corset [1972b]). (For example: a combination between an OH vibration of 
one molecule and a CH vibration of another molecule.) 

5. The existence of double-well potentials might split the bands; 
inflections in the potential can cause irregular spacing of the overtones. 

All these factors have to be taken into account if we want to compute 
anharmonicity constants. Bourderon and Sandorfy [1973] did this in the 
case of alcohols. Here we shall give a short review of the problem. 

13.2.1. Self-associated alcohols 

The anharmonicity of the O-H stretching vibrations was examined in 
successive papers by Durocher and Sandorfy [1965], Asselin and Sandorfy 
[1970, 1971a,b], Bourderon et al. [1972] and Sandorfy [1972]. The intensity 
of CH + OH type combinations varies according to cases; in the case of 
methanol or ethanol it is quite appreciable. Whereas in the fundamental 
region CH*OH and CDjOH have very similar spectra, in the overtone 
region they are rather different. For a detailed consideration of these 
spectra we must refer the reader to Bourderon and Sandorfy’s paper 
[1973]. 

Taking a 0.02 M solution of methanol in FR, at 25°C we see little more 

* Note added in proof: Further evidence has been provided by Perchard and Perchard [1974] 
from the Raman spectra of quasicrystalline liquid alcohols and by P6ron et al. [1975] from the 
infrared spectra of ortho-halophenols in solution. 
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.. the free OH band. At -40°C it is still seen at 3655 cm and 
associated bands appear near 3510, 3400 and 3332 cm . The last one is 
often called the “polymer" band (which probably corresponds to the most 

and n,o« of our di.cu.aion will ^ 
around it. (We shall call “polymer" the species which causes the lowest 
frequency band at a given temperature. The species causing th 
sociated" bands of higher frequencies will be referred to as ol| 8 om * 
or “less associated species”. Making no assumptions concerning 
the number of OH groups in the polymer. We shall be satisfie 
assuming that the polymer bands are due to OH groups whose oxygen acts 
both as a proton donor and acceptor and which is no, a member of a 
small-,wo, three or four-membered ring.) At lower temperatures a strong, 
low frequency band dominates the spectrum. At - lOO’C the maximum is 
near 3240 cm", a, - >40°C i, is at 3225 cm" and a, - 190»C i, has reached 

3 'we Cm shall call the band a, 3157 cm- the polymer band at low 
temperature, although i, probably does not correspond to the same 
mixture of associated species as the 3332 cm- polymer band observed at 
room temperature. 

Taking CD,OH instead of CH,OH does not cause any noticeable 

change in this part of the spectrum. 

The first overtone region of CH.OH and CD,OH measured at almost 
the same concentration at - 190°C are compared in figs. 13.1 and 13.2. In 



Fig. 13.1. The first overtone of the OH stretching vibration of CH,OH at different 
temperatures. 0.02 M in FR. From Bourderon and Sandorfy [19731. 
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Fig. 13.2. The first overtone of the OH stretching vibration of CD,OH at different 
temperatures. 0.02 M in FR. From Bourderon and Sandorfy [1973]. 

the spectrum of methanol we find a shoulder at about 6320 cm ’ 1 superim¬ 
posed on a prominent band at 6190 cm For CD,OH there are three 
strong and mutually overlapping bands with apparent maxima near 6390, 
6280 and 6134 cm The essential point is that even in the absence of CH 
bonds there is a band at the expected position of the polymer overtone 
(6134 cm '). Its assignment to vV could be ascertained by comparison 
with CD,OD. The vV overtone in CH,OH was in head-on collision with 
CH + OH type combination bands as suggested by Luck and Ditter [1968] 
but a part of the observed absorption is due to vV whose wave number is 
very nearly the same as it has always been supposed to be. 

Bourderon and Sandorfy [1973] went on to perform a CD 3 OH/CD 3 OD 
isotopic isolation experiment in order to clarify the origin of the two other 
CD,OH bands which appear near 6390 and 6280 cm -1 . Even though for 
experimental reasons they could use 1:2 dilution only, they obtained the 
striking result that the lowest frequency band is now the strongest at 
6127 cm " 1 whereas the two other bands became considerably weaker (fig. 
13.3). This shows that a part of the absorption in the 6300 cm -1 area must 
be due to an excitation involving two coupled OH oscillators. The 
remaining intensity might come from oligomers and from CD absorption. 

Thus these experiments enabled us to definitely locate the first polymer 
overtone. For the lowest temperature (— 190°C) we obtained an anhar- 
monicity constant X = —94cm” 1 , a slight but definite increase from the 
value of that of the free band which is about - 80 cm"'. Similar studies for 
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Fig 13 3 The first overtone of the OH stretching vibration of methanol 1:2 mixture of 
CD,OH and CD.OD. Overall concentration 0.025 M. From Bourderon and Sandorfy 11973], 

the polymer band of liquid methanol at room temperature yielded 
X= 6450 / 2-3340 = - 115 cm-. Tertiary butanol in FR solution gave 
X= 6258/2 -3250 = -121 cm' 1 , a result similar to that obtained previ- 

ously by Asselin and Sandorfy [1971a]. 

It is important at this stage to raise the question as to whether or not he 
maximum of the overtone relates to the same state of association as the 
maximum of the fundamental. 

Both the fundamental and the overtone bands are broad bands averag¬ 
ing over several species or environmental configurations. Now. it is to be 
noted that the relative intensities of the bands due to different species are 
very different for the fundamentals and for the overtones. Luck and 
Ditter [1967-1968] were the first to point out that the relative intensity o 
the free OH stretching band is much greater for the overtones than for the 
fundamentals and this has been confirmed by other authors (Bernard- 
Houplain and Sandorfy [1972], Bernard-Houplam et al. [1972], Bicca de 
Alencastro and Sandorfy [1972], Bourderon et al. [1972] and Burneau and 
Corset [1972a,b], for OH, NH and SH bands. The weakness of the 
overtones affected by H-bonding will be discussed below. Furthermore 
we found (Bourderon et al. [1972] and Bourderon and Sandorfy [1973]) 
that the relative intensities of the bands due to different associated 
species also differ for the fundamentals and the overtones so that the less 
associated species have the stronger overtones. It follows that the center 
of gravity of the overtone corresponds to a lesser degree of association 
than the center of gravity of the fundamental. This, in turn, means that the 
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observed frequency of the overtone which corresponds to a given 
fundamental is higher, and the anharmonicity constant computed from it 
is lower than its true value. We can add that the assignments we made 
yield the smallest possible anharmonicity constants, all other assignments 
of the bands to species would result in higher values. Fermi resonance 
between vV and {v x + 2v 2 ) would also lower the computed anharmonicity 
constant. Thus our X values should be considered as minimum values. In 
our estimate the true (room temperature) values are closer to about - 140 
or - 150 cm' 1 . This is a quite significant though not an enormous increase 
with respect to the anharmonicity of the free O-H stretching vibration. 

It is not our purpose to enter into a detailed examination of what the 
associated species really are that is inquiring about the number of 
monomers in each adduct and its cyclic or open-chain structure. There is 
a fair amount of evidence that the polymers are shorter than was believed 
for sometime. Fletcher and Heller (1967, 1968] suggested that at room 
temperature open and cyclic tetramers are the most important species. 

The fundamental region of highly associated alcohols like methanol or 
ethanol gives no sure evidence of species other than the polymer (but 
more than one band is seen in the Raman spectra (Murphy and Bernstein 
[1973]). Sterically hindered alcohols and phenols on the other hand give 
clear evidence for the existence of oligomers. Figures 13.4 and 13.5 give 
as an example the spectrum of 2,6-diisopropylphenol at various tempera¬ 
tures taken from a paper by Bourd^ron et al. (1972). In FR the free band 



Cm-I 

Fig. 13.4. The OH stretching fundamental of 2,6-diisopropylphenol at different tempera¬ 
tures. 0.12 M in FR. From Bourd6ron et al. (1972J. 
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... , Thc fi «, overtone of the OH stretching vibration of 2.6-diisopropylphenol at 

F ' 8 ' different temperatures. 0.12 M in FR. From Bourderonetal. 11972). 


• .11 „ r( .c«. n t at - 190°C, together with two oligomer bands at 3474 and 

In r »r. Bk.lv .o b. du. ,o ,h. cyclic .rimer and cyclic 

tetramer respectively. No polymer band appears. In the overtone region 
he very strong free band disappears at the lowest temperatures only and 
onlv the trimer overtone is seen clearly at 6725 cm" while the band of the 
cyclic tetramer has just emerged at its low frequency stde. An ol.gomer 

dominates even at -190°C! 


13.2.2. Self-associated secondary amines 

The simplest systems containing N-H---N type H-bonds are secondary 
amines We are going to mention three examples: dimethylamine. N- 
methylaniline and pyrrole which were studied by Bernard-Houplam and 


Sandorfy [1972. 1973a]. . 

In dimethylamine the free NH stretching frequency is at 3360 cm in a 

dilute (0.3 M) solution in FM. Its half-width is about 30 cm at room 
temperature. With increasing concentration the intensity of the free band 
diminishes and the associated NH band mounts regularly at 3307 cm . Its 
A „ value is only 53 cm- and its half-width is about 50 cm Only these 
two species are present at room temperature. If we cool down the solution 
and at the same time increase somewhat the initial concentration we can 
identify a second associated band at 3235 cm' 1 . At - I90°C the free band 
has almost entirely disappeared and the 3307 band shifted to 3288 cm 
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Fig. 13.6. The NH stretching fundamental of dimethylamine at different concentrations. In 
FM at - I90°C. (The free NH band does not appear at this temperature.) From Bernard- 

Houplain and Sandorfy (1972). 

(fig. 13.6). At 0.6 M at - 190°C the 3288 band has a half-width of 27 cm' 1 
and the 3235 band, which became prominent, 52 cm '. In (CD,) 2 NH the 
results are practically the same. 

If we measure the spectrum in the bromine-containing solvent FR we 
observe surprising changes (fig. 13.7). At room temperature and 0.6 M 
concentration the spectrum is very similar to that obtained in FM with a 
free and an associated band. When temperature is lowered, however, 
contrary to expectation, the intensity of the free band increases and the 



Fig. 13.7. The NH stretching fundamental of dimethylamine. In FR (0.53 M) and FM (0.3 M) 
at - I90°C. From Bernard-Houplain and Sandorfy [1972]. 
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• , d.v of the associated band decreases. At -190»C the associated 
band has almost completely disappeared. (The more highly associated 

^ W-h" "n £ H-bond^ormation 

;r P no« involving H-bonds (possibly of the charge transfer type^Th.s 
H hond opening property of bromine-containing molecules is likely 
have btolos^icalimportance. We can make a use of it in telling free from 

Tefufturrot attention to the first overtone. In a^9Msdut»nin 
FM at 22°C we find only one band with maximum at 6547 cm (fig. ■ >• 
No other band is observed, whatever the concentration, not even in the 
and,Sed liquid. This can have only two explanations: (a) , e free and 
associated bands coincide; (b) only one of these (the free or the 
associated band) has appreciable intensity at the first overtone. 



Fig. 13.8. The first overtone of the NH stretching vibration of dimcthylamine at different 
temperatures. 0.39 M in FM. From Bernard-Houplain and Sandorfy 119721- 


Berthomieu and Sandorfy [1965] who worked at room temperature 
adopted the first hypothesis. This led them to strongly decreased anhar- 
monicity constants for the H-bond species with respect to the free 
species. This is just the contrary of what is observed for polymeric 
alcohols. Low temperature work shows, however, that this hypothesis 
must be rejected. 

Upon cooling down the solution the intensity of the band decreases 
slowly but no other band appears. Close to liquid nitrogen temperature 
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two bands are observed (at 6532 and 6432 cm ') having nearly the same 
intensity. They are much weaker than the original band at 22°C (fig. 13.9). 
In order to ascertain if one of these bands is an associated band we 
measured the spectrum in FR, our bromine-containing solvent. At 
- 190°C the 6432 band is completely absent and the 6532 band, which has 
still practically the same frequency, increased in intensity. Thus it is 
proven that the 6432 band is an associated band. 

These facts can be explained in the following way. The overtone of the 
free species is very much more intense than the overtones of the 
associated species (cf. the preceding sections on alcohols and water). The 
overtone observed at room temperature (6547 cm"') is receiving practi¬ 
cally all of its intensity from free dimethylamine. Since at sufficiently 
high concentrations the fundamental clearly reveals the presence of 
associated molecules this, of course, does not mean that there is no 
association but only that the associated overtone band is very weak. Only 
at the lowest temperatures does the concentration of the associated 
species become so high that the 6432 band is eventually observed. Just as 
in the case of the fundamental, the latter disappears in the bromine- 
containing solvent, the H-bond being replaced by a different type of 
association. Hypothesis (b) is then seen to be essentially correct. 

These results agree with those of WolfF and Gamer [1972] who applied 
other spectroscopic techniques. 



Fig. 13.9. The first overtone of the NH stretching vibration of dimethylamine at different 
temperatures. 0.53 M in FR. From Bernard-Houplain and Sandorfy [1972]. 
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The anharmonicity constant X is, using 6547 cm i~0 C )> * or 
band ,„d 6432 cm” 1 <- -190-0 ta «» ^ NH and 

3^88 cm for the fundamentals, X - ©* cm 

-72cm ' for the associated NH group. They are nearly the same 

Wolff and Wurtz [1970] recently measured the vapor pressu 
dimethylamine at various temperatures and found that the PU^hq d 
contains approximately 40-60% of monomer between 20 and 
a 0.2 M solution this proportion is between 84 and 74%. 

Then the whole picture is clarified. There is no mystery about d. 

methylamine solutions. They simply consist 

dimers. This is why the intensity of the free band dim.n« he * S ° ^ 
when temperature is lowered or when concentration is increased, the f 
NH group of the dimer contributes to it. This is why the anharmonicity of 
the associated band is about the same as that of the free band, it is oiJy 
dimer band; alcohol dimers behave in the same way. This is why Av and 
u U 2 have moderate values. 

Aliphatic amines are much less associated than alcohols. 

N-methylaniline forms stronger H-bonds and constitutes a case re¬ 
sembling weakly associated alcohols. The free NH band is at 3444 cm 
(half-width 31 cm-). On cooling, three associated species gradually 
appear with bands at 3413. 3377 and 3287 cm". At - 190»C in FM the band 
at 3377 cm' 1 is the strongest. It can only belong to an oligomer. The band 
at 3287 cm'* is broader than the others and it could belong to the polymer. 
Again the bromine-containing solvent favors the weakly associated 
species. The free and oligomer bands have normal anharmomcities. 
Unfortunately, we were not able to find the overtone of the polymer, thus 
we could not determine its anharmonicity constant. Its very weakness at 
the overtone level seems to confirm that it belongs to the polymer. 

Self-associated pyrrole (Bernard-Houplain and Sandorfy [1973a)) 
forms somewhat stronger H-bonds than dimethylamine or N- 
methylaniline, but weaker ones than alcohols. The H-bond shift, is of 
the order of 100 cm - ' for the most abundant associated species which is 
probably an oligomer. The anharmonicity constant, X for the free species 
in FR at - 190°C is - 69 cm"' whereas for the oligomer it is - 88 cm - ', an 
increase which we believe to be significant. 

In brief, dimers and oligomers of self-associated amines have N-H 
stretching vibrations just about as anharmonic as the free bands. Only the 
stronger bonds, like those of pyrrole, have somewhat higher anhar- 
monicities. 
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13.2.3. Self-associated thiols 

Aliphatic thiols have their free S-H fundamental near 2590-2580 cm '. At 
lower temperatures dimers and oligomers are seen having bands near 2540 
and 2525 cm' 1 respectively (Bicca de Alencastro and Sandorfy [1972, 
1973a,b]). The free overtone is at about 5050 cm ' and weak associated 
bands are found near 4960 and 4930 cm A great variety of thiols were 
examined, both aliphatic and aromatic, and from the point of view of 
anharmonicity the result was always the same: X is about -50 cm" 1 for 
both free and associated SH groups. These are quite weak H-bonds (1 or 
2 kcal/mole). 

13.2.4. X-H STRETCHING VIBRATIONS IN TERNARY SYSTEMS 

Data on anharmonicities for systems in which the proton donor and the 
proton acceptor are different molecules are scarce. The difficulty is to 
prevent the self-association of the donor. This is especially true for 
solutions at low temperatures. A few results have recently become 
available, however. 

Bernard-Houplain and Sandorfy [1973b] studied some simple amides 
like N-methylacetamide or N-methylpivalamide. In a sense, H-bonding in 
these molecules is still a case of self-association since the same molecule 
is proton donor and acceptor at the same time. The donor and acceptor 
sites are different, however. The H-bonds are of the N-H** 0 type. At 
room temperature in FR the free band is at 3482 cm '. The associated 
band appears near 3330 cm 1 and it moves to 3256 cm 1 at - 190°C. The 
half-width of the free band is 18cm' 1 , that of the associated band is 
120 cm" 1 at 22°C and 80 cm ' at - 190°C. The associated species is very 
probably more than a dimer. The wave numbers of both the fundamental and 
the first overtone are affected by Fermi resonance (with v° 2 and (v } + 2v 2 ) 
respectively) and there is some NH + CH interference at the level of the 
overtone. However, we were able to deduce in making some reasonable 
assumptions and by measuring the spectra of deuterated molecules, that 
the anharmonicity constant (X) which is -72 cm 1 for the free band 
increases to about -100 cm 1 for the associated band. 

Bicca de Alencastro and Sandorfy [1973b] published data on S-H-N 
and S-H- O type H-bonds. The anharmonicity constants remained 
about —50 cm" 1 for both the free and the associated S-H stretching 
vibrations. 

Recently Hardin [1973] measured the spectra of some ternary 
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O-H ■ ■ ■ O ,VP« - ■ «—£ 

'>■' Si-OH-water-dimer « oM.in.d 
Of the perfluorotertiary butanol-aceton.tr.le-d.mer, obtain 

Te'Sude'ront these preliminary 

isSJSoU h th S e e a^"amonichy^^>nstan^ undergoes a significant 
increase comparable to those observed for alcohols. 

,3.3. The effect of hydrogen bond formation on other anharmonicity 

constants 

We have some knowledge of the effect of H-bond formation on the 
• r»f for 8) the in-plane bending vibration. Asselin and 

Sandorf°yTl971c] published'data on isopropanol and tertiary butanol in a 

+ 50 cm’’ for the polymer of isopropanol and about+25 cm for tert y 

bU Th n e°anharmonicity of n itself (X«) was found to be slight in every case. 

ahout — 5 to —10 cm . „ . .. 

More important than all this would be to gain knowledge °* thc * 0 “j(*"* 
constant between the X-H stretching vibration and the X-Y bridge 
stretching vibration (X„) and the anharmonicity of X-- Y itself (X„). 
Indeed, most theories of H-bonding and, in particular, the explanations 
offered for the great breadth of the X-H band in the infrared, are based on 
these quantities-about which we know little. ^ o| 

In order to compute X„ we need the two fundamentals, v, and r, and 
at least one (vt + v ,) combination band, v 0 ,' is known in many cases. We 
have some knowledge of vV (see, for example, Jacobsen et al. [1968] or 
Foglizzo and Novak [1971]). For alcohol polymers in the liquid phase v , 
is near 150 cm-’. Unfortunately, no (v,+ v>) combinations tones have 
been identified so far. The v, bands are too broad and the combinations 
probably too weak. The same applies to amines and thiols. Apparently 
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there is little hope to identify these combinations in solution or in 
liquids. We have to turn to gases or crystals. 

In this respect we have to examine the important work of Millen and his 
coworkers on H-bonding in the gas phase. The clearest case is probably 
the ether-hydrogen fluoride system which was studied by Arnold and 
Millen [I965J. A typical spectrum of them is reproduced in fig. 13.10. 
Curve B represents the absorption of a mixture of 20 mm Hg HF and 
80 mm dimethylether at 30°C taken with a 10 cm path-length cell while 
curve A represents the absorption of the unmixed gases. The main peak is 
at 3470 cm 1 and it is surely the F-H stretching band of the F-H • • • O bond 
which is strong. (The free H-F vibration is at 3960 cm' 1 (see Bellamy 
(19681) so bv is about 490 cm"'.) In addition there are two satellite bands 
at 3710 and 3300 cm 1 and some shoulders. These bands are still fairly 
broad. The main band has a half-width of about 150 cm' 1 . Now, although 
the formation of complexes of the R?0 • • * HF* • • HF type complicates the 
issue to some extent, Arnold and Millen were able to show by varying the 
relative concentrations of the ether and of the acid that the spectrum is 
essentially due to the 1:1 complex R ? 0 • • • H-F and that the bands at 3710 
and 3300 cm ' must be the sum and difference tones (i/, + i/,) and (v, - p y ). 
The shoulders would be due to other hot bands and will be mentioned 
again in the next section. The low frequency bridge vibration v, was not 
known at the time (in particular not in the gas phase) but, and this is very 
important, if we know the frequencies of at least one sum and one 
difference band, we can compute the anharmonic coupling constant 
between the two vibrations. 



Fig. 13.10. The FH stretching vibration in the hydrogen fiuoride-dimethylether system in 
the gas phase. (A) Unmixed gases. (B) Mixture: HF. 20 mm: ether. 80 mm. (C) Assignment. 

From Arnold and Millen (1965]. 
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In fact, to the second order, using the well-known formulas reproduced 
earlier (eq. 13.13): 


but 


I,, + + v V + X., 


Ol 01 

Pi — Pi = V\ — P\ . 


,he constant X„ cancels out from the expression of the frequency of the 
difference tone. 

Then, with Arnold and Millen s frequencies, 

X„ = (3710 - 3470) - (3470 - 3300 ) = 240 - 170 = 70 cm 1 

and it is positive. (We give the positive sign to a coupling constant if it 
makes the frequency of the summation band higher.) Later Thomas [ 
measured the far infrared spectrum of this system in the gas phase and 
found v, at 185 cm-. This would lead to an X„ value of + 55 cm . It is 
large but it is not enormous. (The coupling constant between the two 
stretching vibrations of the water molecule, for example, is much larger. 

- 155 cm' 1 according to Darling and Dennison 11940).) 

In recent years there has been a renewed interest in these gas phase 
spec, (Jones e, »l. (1969], Couzi « al, (1970] Thomas and Thompson 
M9701 and Thomas [1971a. bl). The results of Arnold and Millen [1965] 
and Bertie and Millen [1965] were confirmed and extended. From the data 
contained in a paper by Couzi et al. [1970] we computed X„ = + 31 cm 
for the dimethylsulfide-hydrogen fluoride system and about + 80 cm tor 
various ether-hydrogen fluoride systems. Thomas [1971b] arrived at 
smaller X„ values, about + 20 cm ", for the acetonitrile-hydrogen fluor.de 

system. . _ . , 

Ether-hydrogen chloride systems have been examined by Bertie and 

Millen [1965]. The results were similar: the strongest band which they 
assigned to the fundamental is a broad band at 2574 cm '. It has two 
strong satellites at 2680 (shoulder) and 2480 cm-. Recently Lassegues and 
Huong [1972] and Bertie and Falk [1973] reexamined this spectrum. They 
reassigned the bands so that the fundamental is at 2480 cm '. the first 
summation tone at 2574 cm- and the first difference tone at about 
2360cm" 1 . Furthermore they found the 0-- CI bridge frequency at 119 
and 117 cm- respectively. Previously Belozerskaya and Shchepkin [1966] 
found also 117 cm"'. Thus in this case we might compute X,, in two 
different manners. From the sum and difference tones we obtain 

X 13 = (2574 - 2480) - (2480 - 2360) = - 26 cm"' 



636 


C. SANDORFY 


and by using the two fundamentals, 

X„ = 2574 - (2480 + 119) = - 25 cm 

Had we used the original assignments of Bertie and Millen the constant 
would have been even smaller.* The H-bond is, of course, weaker than for 
the ether-hydrogen fluoride complex. 

Millen and Samsonov (1965J carried out similar measurements on the 
dimethyl ether-nitric acid systems. From their data (3130, 3470 and 
2765 cm ') we again obtain a small negative coupling constant, X, 3 = 
-25 cm"'. 

It would be highly desirable to accumulate more data of this kind. 

In the crystal phase vy becomes one of the lattice modes and, since in 
most cases there are several low frequency lattice modes, we must be 
very cautious about assigning (i/|+ vy) combinations in crystals. 

Valkov and Maslenkova (1956] and Taylor and Whalley [ 1964] assigned 
a band at 3320 cm ' in ice Ih to a combination of 3085 (the symmetrical 
OH stretch) and 220 cm 1 (a translational lattice mode). This would give a 
coupling constant of only -15 cm '. 

The anharmonicity constant of the bridge vibration, *>*, is not known. It 
could be computed if we knew at least one of its overtones. It could also 
be calculated from the wave numbers of combination bands of the 
(v x + nvy) or (v x - nv ,) type with n > 1. 

Much more work remains to be done. The following conclusion can 
already be drawn, however. For moderately strong H-bonds (AH « 5 or 
6kcal/mole) the anharmonicity of the X-H stretching vibration (X,,) 
increases appreciably although not enormously with respect to that of the 
free X-H band. Bending vibrations affected by H-bond formation also 
increase but usually to a lesser degree. The most important X-H/X-Y 
coupling constant (X„) may have fairly high values (positive or negative) 
but again it does not become enormous. For weaker H-bonds the X,, of 
the associated band is about the same as that of the free band and X, 3 has 
moderate values. 

There is no reason to say that for these weak or moderately strong 
H-bonds the vibrations are so anharmonic that we have to dispense with 
the normal vibration concept. There is every reason to apply the language 
generally used in vibrational spectroscopy which considers the normal 

* It is not believed, in view of the difficulties of determining the wave numbers of mutually 
overlapping bands, that the negative sign of X,, in this case should be taken for definite. All 
we admit is that it is small. 
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spectra in terms of combination bands analogous to those wh.ch we 
considered in this section. 

13.4. The breadth problem 

,3.4.1. does only one .solated hydrogen bond y.eld broad 

BANDS? 

Nature seems to oppose itself to attempts to study jus, one H-bond. 
Measurements of infrared spectra in the gas phase are difficult to carry 
out at the desired low pressures and low temperature. Work in crystalline 
matrices is rewarding in a few cases only. Data were accumulating durmg 
the past years, however, to show that the IR v XH band for just one H-bond is 

^Fromthe older literature we cite the works of Van Thiel et al. [1957] on 
water and methanol using solid nitrogen at 20 K as a matrix. They foun 
well-defined bands which they assigned to the monomer, dimer, tnmer 
and higher polymer species. In the case of methanol the monomer band 
had a half-width of 20 cm' 1 while the band of the dimer shifted from the 
monomer by A* = 170 cm* 1 had a half-width v,„ of 28 cm '. The case of 
water was similar with the monomer having half-widths equal to 25 and 
20 cm-' and the dimer to 27 and 23 cm". The higher polymers where the 
oxygen atoms are engaged both as proton donors and acceptors had much 

higher vm and Ai/ values. ... 

Isolated H-bonds can be obtained by the method of isotopic isolation in 
crystals. Bertie and Whalley [1964, 1967] who determined the infrared 
spectra of a number of polymorphic forms of ice under high pressures and 
at low temperatures found that in ices II and III which are not disordered, 
the isotopically isolated OH and OD bands of HDO are very sharp having, 
in certain cases, half-widths as low as 5 cm '. (The free OH band of 
phenol in CCU solution and at room temperature has a half-width of about 
15 cm' 1 .) The corresponding frequencies for U 2 0 and D 2 Q are at about 
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3300 and 2400 cm ' respectively, well inside the H-bonded range. This is a 
clearcut proof that A v and v xn do not necessarily vary parallel to each other 
and that an isolated OH group even if strongly H-bonded can have sharp 
i'xh bands. 

A similarly convincing example is found in a recent paper by Schiffer 
and Hornig (1968). These authors were struck by the fact that certain 
metalhalide hydrates, e.g. sodium chloride dihydrates, have very sharp OH 
bands but have practically the same frequencies as the center of the 
extremely broad OH band in liquid water. When the method of isotopic 
isolation was used (HDO in D ; 0) at low temperatures the band of sodium 
chloride dihydrate had a half-width of only 6 cm 1 while the OH band of 
liquid HD0/D ; 0 has a half-width of about 235-280 cm \ A further proof 
comes from a study of H-bonding in solid alcohols by Jacobsen et al. 

11967-1968). These authors prepared single crystals of several alcohols at 
various pressures and again applied the method of isotopic isolation. They 
obtained two differently polarized OH bands, an observation they explain 
by the predominance of nearest neighbor coupling. Isolated OH groups 
gave one band having a half-width of only about 30 cm 1 . 

Other examples could be found. This is enough to substantiate the fact, 
however, that the existence of one X-H-Y bond is not in itself 
conducive to broad X-H bands in the case of moderately strong H-bonds. 
A disordered medium is also needed. 

More recently Foglizzo and Novak (1972) showed that in an ordered 
medium even the more strongly H-bonded carboxylic acids yield sharp 
bands at low temperatures. 

It is very significant in this respect that isotopic isolation in solution or 
in a liquid, i.e. in a disordered medium, does not have any significant 
effect on the band-width (Asselin and Sandorfy (1971a]). We cannot obtain 
sharp bands in a disordered medium and disorder is certainly one of the 
causes of the breadth phenomenon in H-bonded systems. 

13.4.2. Then why are the bands broad? 

It is the opinion of the author of this review that the breadth of the 
infrared X-H stretching bands in the systems containing weak or moder¬ 
ately strong H-bonds can be explained on the basis of disorder and 
anharmonicity only and that no other causes have to be involved. To 
begin with, however, we have to state the problem more clearly. 

1. In many cases, in liquids, solutions and non-ideal gases two or more 
H-bonded species are present. This has been known for a long time for 
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al cohols in whose spectra, in many cases, bands due to d.rners. ohgomers 
and polymers can be distinguished. Their relat.ve intensities depend on 
concentration and temperature. Most of these bands, except m general 
the one due to the dimer, are broad with half-widths of the order 
150-300 cm' 1 . This is most clearly seen in the spectra of stenca y 
hindered alcohols (fig. 13.4). The more strongly associating alcohols often 
show only one broad band which might look symmetrical but this does not 
prove that it is due to only one species. This can be conclusively 
demonstrated by overtone studies. Since the relative intensities of the 
free and of the various associated species are different at the level of the 
overtones from those which are found at the level of the fundamental, the 
bands due to the different species which melt together at the fundamental 


level can often be seen separately at the level of the overtones. 

What is important from the point of view of this discussion, is that the 
bands are broad even if they owe their intensity to only one distinguisha¬ 
ble species in a self-associated system as well as in ternary systems. 

2. In many cases a number of bands appear in the X-H stretching 
region which can be assigned to overtones and combination tones 
involving either the X-H bending modes or vibrations not directly 
affected by the formation of the H-bond. The intensities of these can then 
be boosted by Fermi resonance with the X-H stretching vibration. There 
is no doubt about the existence of these additional bands and their relative 
prominence around H-bonded stretching bands. Well-known examples 
are carboxylic acid dimers (Bratoz et al. [1956) and Haurie and Novak 
[1965]), ammonium halides (Plumb and Hornig [1955]) or methylam- 
monium halides (Waldron [1953] and Cabana and Sandorfy [1962]) in 
which these bands have been satisfactorily assigned to such combina¬ 
tions. Their intensity is probably influenced by Fermi resonance to a 
variable extent. Some of them may be just carried on the shoulder of an 
otherwise broad X-H band. 


An argument is going on among researchers of H-bonding to decide if 
the great breadth of the X-H band is due to “Fermi resonance’* (in the 
above context) or to some mechanism involving the interaction of the 
X-H and X-Y stretching vibrations. It is very important to realize that 
even after these additional “Fermi" bands are subtracted from the 
spectrum the remaining X-H stretching band is still a broad band and that 
it is the explanation of its breadth which constitutes the real problem. 

In many instances a group of additional combination bands is distinctly 
separate from the “main band” and it obviously cannot contribute to its 
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breadth. In other cases no such combination bands are found. This is 
usually so for alcohols. 

Now, should combination bands cause the apparent breadth of the X-H 
stretching band itself, they must have frequencies close to the main band. 
What combinations could these be? First, we have the (v x +v y ) type 
combinations discussed in connection with Millen’s gas phase spectra. 
Millen’s results prove that these combinations exist and account for a 
significant part of the absorption observed in the X-H stretching region. 
There is no such proof for solutions or other condensed phase spectra but 
we might infer that they contribute to the observed intensity of the broad 
bands there, too. This is certainly not enough, however. 

In most cases examined here v, *3300 cm"' and 150 cm"'. The 
(*/, ± vy) combinations certainly cannot account for the remaining, consid¬ 
erable breadth of the central band even in the gas phase spectra where the 
central band has half-widths of the order of 150-250 cm - '. In solution 
spectra they could make a certain contribution but then if the temperature 
is lowered v x should be asymmetrically weakened since (v x -vy) is a 
difference tone. The Boltzmann factor from 20 to - 190°C decreases from 
0.3 to 0.05 for a frequency of 150cm"'. Many solution spectra have been 
taken in our laboratory from 20 to - 190°C but such an asymmetrical 
sharpening has never been clearly observed. Furthermore, with a differ¬ 
ence of 150 cm" 1 , {v\— vy) should be resolved as a separate band at low 
temperatures. (v x + vy) should be resolved as well, but if X x y is large and 
has the appropriate sign it could move closer to v x \ as we have seen this is 
not so in the cases which have been examined so far. 

We have to turn to the “hot” bands. This idea was put forward by 
Sheppard [1959], it has been applied by Arnold and Millen [1965] and 
recently emphasized in a new context by Weidemann [1972]. These hot 
bands are of the 

Vi + n'v t — n" v, 

type where v, is a vibration of high frequency (v x in our case) while v, is 
the low frequency (vy in our case) and n' and n" are the vibrational 
quantum numbers for v t when v x has vibrational quantum numbers 1 and 0 
respectively. Such combinations, in view of the large Boltzmann con¬ 
stants of vy have a good chance to appear in the X-H region. We can 
expect to find superimposed on v x series of vibrations corresponding to 
1-1, 2-2, 3-3,... transitions in vy. (These are analogous to “sequences” in 
electronic spectroscopy.) Many other series are possible, like 2-1, 3-2, or 
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1-2 2-3 etc These conditions are usually represented by a 

Franck-Condon type scheme, introduced by Stepanov [1946] whose 
theory has been the starting point for many later developments 

Now, if we work out the frequencies of these combination bands from 
the simple second-order formulas given under eq. (13.13) we obtain that 
the Vx + (i - l) combination is at an interval from v x itself just equal to the 
coupling constant X, 3 and independent from both X„ and X». Further¬ 
more, since X„ can be either positive or negative these combinations 
might appear at either side of »/,. The assignments made by Millcn for the 
system dimethylether-hydrogen fluoride are shown in fig. 13.10. Two 
conclusions can be immediately drawn. First, since X, 3 has relatively 
small values in the cases we are examining here they must fall close to the 
main v x band and. in view of a certain broadening of all of the bands due 
to the moderate pressure, can well explain a part of the breadth of the 
observed X-H stretching bands. Second, it is seen that if X, 3 is positive, 
hot bands will fall at the high frequency side of v x and this might explain 
why we do not observe asymmetrical sharpening upon lowering the 
temperature. 

It is important to add that v> is not the only vibration which might give 
hot bands of this type. Any vibration, whether connected to the triatomic 
X-H - Y unit or not, and having an appreciable Boltzmann constant is 
eligible for this. The coupling constant might be very small for many, but 
this would be handy to fill out the gaps left between bands due to 
vibrations more strongly coupled to v x . 

One band of this type is known to infrared spectroscopists as Linnell's 
band [1964]. It is a sharp band at 23 cm 1 from the (free) N-H stretching 
band of pyrrole which is a 1-1 transition in a deformation mode at 
584cm 1 (!). Thus 23cm" 1 is the value of the latter’s coupling constant 
with the free v x band of pyrrole. It can be identified beside the N-H 
overtones as well (Bernard-Houplain and Sandorfy [1973a]). It vanishes 
when temperature is lowered. 

Many such sequences can contribute to the width of hydrogen bonded 
X-H bands since increased anharmonicity leads to higher values for the 
coupling constants and to an additional broadening of the bands due to 
increased environmental perturbations which are also linked to anhar¬ 
monicity. It is perhaps useful to point out, too, that Boltzmann factors of 
vibrations in the 300-500 cm 1 range are not as low as it is sometimes 
presumed. 

Significant progress in this respect has been made by Thomas [1971b]. 
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He measured the gas phase spectra of complexes of hydrogen fluoride 
with hydrogen cyanide and acetonitrile at lower pressures and higher 
resolution than has been hitherto possible. He was able to resolve a great 
number of combination bands as well as rotational fine structure and to 
show that hot bands formed by sequences of low frequency bridge 
deformation vibrations in the 40-80 cm"' range make a very important 
contribution to the breadth of v x . In his words, “not only have these bands 
been observed directly . . . but each band has been shown to have a 
definite rotational structure and therefore, except possibly for transitions 
with n greater than about 20, the breadth does not arise from any lifetime 
efFect, either natural, or induced as in predissociation”. The coupling 
constants between these low frequency bridge deformation vibrations 
and v x are small, but there can be many hot combinations and, as we have 
seen, the small coupling constants might be useful in causing breadth. 

If the breadth of the O-H bands of alcohols, for example, is due to hot 
bands as described above then, in a solution, when temperature is 
lowered, the bands should become narrower but-except at very low 
temperatures-not very sharp and they should sharpen more or less 
symmetrically. 

This is just what Asselin and Sandorfy [ 1971J observed. Tables 13.1 and 
13.2 show the results they obtained in the case of isopropanol and tertiary 
butanol. These results mean that (v x + vy) and ( 1 / 1 — vy) contribute only 
weakly to the wings (i/ 3 — 150 cm ') and that the width remaining at liquid 
nitrogen temperature is due mainly to first hot members of sequences and 
to disorder.* 

The importance of anharmonicity in causing the great breadth of the 
X-H stretching bands was understood fifteen years ago by Bratoz and 
Hadzi [1957] and by Sheppard [1959] and the above ideas are not really 
different from theirs. Millen’s work on gases and our work on solutions 
provided experimental data to substantiate the role of anharmonicity. 

It is perhaps good to underscore the following. Since formation of 
moderately strong H-bonds in general increases anharmonicity it would 
be astonishing if we did not find many cases of Fermi resonance in spectra 
affected by H-bonding. Indeed, Fermi resonance (or in more general 
terms, anharmonic resonances of various orders) are also a consequence 
of increased anharmonicity. In most cases the combinations of v x with 


* In solution these fine bands would be lost in the broad band created by statistical disorder. 
For the treatment of the band profile in solution spectra in the framework of relaxation 
theories see chapter 12 (Brato2 theory). 
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Table 13.1 

The influence of .empera.ure on .he frequency and half-wid.h 

fundamentals in the case of isopropanol. (From Assel.n and Sand Vl __ 


r 

(°C) 

v 

A 

(OH) 

B 

v 

A 

-40 

3314 

3303 

192 

-80 

3282 

3272 

179 

- 120 

3264 

3245 

148 

-182 

3231 

3218 

95 

Solvent: 

(A) a 1:1 

mixture 

of CCIjF 


B 


»/(OD) 

A B 


i'i/jCOD) 

A B 


169 

157 

135 

90 


2464 

2451 

2426 

2411 


2458 

2442 

2420 

2401 


10 

99 

90 

63 


91 

88 

80 

65 


methylcyclopentane. Concentration: *0.2M. 


Table 13.2 

The influence of tempera.ure on .he frequency and half-wid.h of .he OH and OD stretching 
fundamentals in the case of rerf-butanol. (From Asselin and Sandorfy [ 1971a»_ 


(OH) 


^m(OH) 


(OD) 


•'wi(OD) 


(°C) 

A 

B 

A 

B 

A 

B 

A 

-40 

3321 

3308 

147 

134 

2473 

2461 

85 

-80 

3290 

3282 

128 

114 

2457 

2449 

79 

-120 

3280 

3264 

110 

93 

2445 

2434 

70 

- 182 

3255 

3244 

64 

60 

2430 

2411 

38 


B 


71 

66 

63 

49 


Solvent: (A) a 1:1 mixture of CCI.F and CF,Br-CF..Br; (B) a 1:1 mixture of CC1,F and 
methylcyclopentane. Concentration: —0.2 M. 


low frequency modes and their hot bands cause the apparent breadth of 
i/i, whereas other combinations give satellite bands or contribute to the 
width at places remote from v x and both categories might or might not be 
affected by Fermi resonance. Complicated cases of Fermi resonance 
might arise. More than two levels might interact; the “original" intensity 
of a combination might not be negligible compared to that of the 
fundamental. For a very useful brief summary of these conditions the 
reader might like to consult a review by Overend [19631. Anyway more 
emphasis should be laid on the word “anharmonicity" than on the words 
“Fermi resonance". 

Several other models have been proposed for the explanation of the 
breadth phenomenon. They all assume a coupling of the X-H stretching 
vibration with the X- • Y stretching vibration (Stepanov [1946], Bratoz 
and Hadzi [1957], Witkowski [1967], Marechal and Witkowski [1968], 
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Fischer et al. [1970], Leviel and Marshal [1971] and Janoschek et al. 
[1973]). Some of these are treated in other chapters of this volume. They 
are generally aimed at the description of systems containing strong 
H-bonds with very high anharmonicities. 

To conclude this section, the author would like to reiterate his belief 
that in order to explain the “breadth phenomenon” in the case of 
moderately strong H-bonds one can use the concept of normal vibrations 
with anharmonicity as a perturbation. Combination bands, among them 
hot bands, whose appearance is due to increased anharmonicity together 
with some contribution from rotational structure and disorder take care of 
the breadth in gases; the role of disorder must be more important in 
solutions and in liquids. The contribution of combination bands in ordered 
media would require further study. 


13.5. Anharmonicity and the hydrogen bond shift 
Since for a triatomic molecule with no degeneracy 

i/? , = a> l + 2XM + 5X.2 + 5X„ 

the H-bond shift, Ai/, = v ft9m - i/.„ reflects not only the change in the 
equilibrium distance that occurs when the H-bond is formed but also the 
accompanying changes in the values of the anharmonicity constants. 

1. As we have seen, in the case of self-associated alcohols for example, 
Xi, increases from about -80 to about -110 or -120cm' 1 when 
computed from the band frequencies observed at -190°C. At room 
temperature X,, is likely to have higher values, since the maximum of the 
fundamental corresponds to more highly associated OH groups than the 
maximum of the overtone. 

Now, since the formula contains 2X n , a value of - 120 cm - ' means a 
contribution to Ai/ equal to —80 cm"' (to lower frequencies); a value of 
- 150 cm' 1 represents - 140 cm" 1 . Since the observed Ai>s for polymeric 
alcohols are of the order of 300 cm" 1 this change might be responsible for 
a third or half of Ai/, according to cases. 

For weaker H-bonds, such as those we find in self-associated thiols or 
secondary amines, X» is hardly affected and it does not contribute sizably 
to A v. 

2. X 12 occurs in the equation with a coefficient of 1/2 and it is not 
expected to be an important factor. However, if it goes from, say, — 5 to 
+ 40 cm' 1 as we have found in certain cases, this might cause a shift of the 
order of 20-25 cm" 1 to higher frequencies. 
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> nf 1/7 The free species does not have this 

3 ’t Tution°so its whole value will contribute to Ah. If it is about 70 cm ' 
contr.but.on so t , either higher or lower frequences 

h CO , erTs si«n s Much greater effects could exist for stronger H-bonds 
^ constants would come in if we dispensed w.th the 

triatomic a PP ro J i, Jf ,, ° t n rni ht appear to be astonishing that good linear 

" V,e K- ! “I If en oSned between Ah and AH, the X • - Y distance 
relations >P explanation is, probably, that AX M 

or the band h W,d, ^ ( r S " e on C " •”; of a „d that the change in anharmonic- 
Uy^r roughly proportional to the change in the equilibrium distance. 
Stronger H bonds seem to have more anharmon.c v.brat.ons, at least m the 
kcal/mole AH bracket. This qualitative statement .s based on our own 
experience. The few data we have do not warrant an attempt to make .t 

q 7n other words, if upon H-bond formation only a^change^ir» r.'X-W 
would occur that would change h, by a certa.n amount; .f the shap« of the 
potential curve, i.e. anharmonicity also changes (asymmetr.cally) that 
would further modify h,. These two shifts in Ah seem to be proport.onate 
in many cases. This does not need to be always so, however. 


13.6. Anharmonicity and temperature shift 

Estimating the temperature shift Ah, for HB systems is a delicate matter. 
We must be reasonably sure that when temperature is lowered there is no 
change of “species”, i.e. the observed band is essentially due to one 
species with its environmental continuum and that this situation docs not 
change in the range of temperatures in which the band is examined. We 
must suppose, too, that the dropout of hot bands occurs approximately 
symmetrically on both sides of the maximum so that the peak frequency 
is not influenced by asymmetrical sharpening of the band. 

The polymer band of isopropanol or tertiary butanol seems to fulfill 
these conditions at least approximately between about -40 and - 180°C. 
Table 13.3 taken from Asselin and Sandorfy [1971a,b] shows that between 
these temperatures the vV fundamental of isopropanol shifts from 3314 to 
3231 cm' 1 and that of ferf-butanol from 3321 and 3255 cm \ The shift with 
temperature is approximately linear and it is much larger than is observed 
for vibrations not affected by H-bonding. Table 13.4 contains some dv°'ldT 
values (the frequency change for one degree in cm ') for a few systems 
which were examined in our laboratory (Asselin and Sandorfy [1971a,b] 
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Table 13.3 

Frequencies of the OH stretching fundamental at 
different temperatures for isopropanol and for tert- 
butanol. (From Asselin and Sandorfy [ 1971a.bJ) 


TCC) 

v°' (cm ') 
Isopropanol 

"'"(cm ') 
Tm-butanol 

-40 

3314 

3321 

-60 

3301 

3312 

-80 

3282 

3290 

- 100 

3274 

3285 

- 120 

3264 

3280 

- 140 

3251 

3276 

-181 

3231 

3255 


and Bernard-Houplain and Sandorfy [1972, 1973a], pyrrole). These refer to 
the polymer band for the alcohols in FR and dimer bands for the amines in 
FM measured in dilute solutions. 

Sterically protected ferr-butanol has a lesser shift than isopropanol. The 
shift of the ODs is less than the shift of the OHs. The large shift of the 
strongly acidic fluoroalcohols (Planckaert and Sandorfy [1972]) is rather 
remarkable and it is not quite understood. It appears that the more 
strongly associated species have the larger shifts which can also mean 
that the more anharmonic vibrations shift more rapidly (cf. Buckingham’s 


Table 13.4 

The temperature derivatives of v°' for a few alcohols 
and amines. (From Asselin and Sandorfy |197la.b]) 


6v°'ldT (cm'7°C) 

Isopropanol 

0.59 

Isopropanol-OD 

0.48 

Terf-butanol 

0.44 

Terf-butanol-OD 

0.28 

Heptafluorobutanol 

1.03 

Heptafluorobutanol-OD 

0.57 

Dimethylamine dimer 

0.09 (in FM) 

Pyrrole free 

0.07 

Pyrrole dimer 

0.10 
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formulas on solvent shifts [I960]). However, as we have seen, there is a 

certain parallelism between AH and anharmomcity. 

Where do these shifts come from? In two recent papers Rice and Wood 
,,973] reported that the maximum of the OH stretching band of the 

gaseous trifluoroethanol-trimethylamine complex did not shift with te p 

erature (within an interval of about 60 degrees). To explain this and the 
large temperature coefficients observed in condensed phases Rice and 
Wood carried out a theoretical treatment within the framework of the 
Stepanov (Franck-Condon) scheme, i.e. taking into account the changes 
in the ± vy subbands that can be derived from it. They found that if they 
disregarded all contributions outside of a 50 cm ' range around the 
temperature coefficient was very small in keeping with their experimental 
result for the gas phase. If the further spectral environment was consi¬ 
dered, as it is necessary for the broader bands in condensed phases, larger 
temperature coefficients were obtained. (Shift to lower frequencies.) 
According to their calculations, the main contribution to the shift is due to 
the change in the quadratic term in the X • • • Y potential between the v - 0 
and d = 1 states of A lesser contribution comes from the cubic part of 
the anharmonic potential. 

We might still ask the question whether X and Y actually move closer 
to each other when temperature is lowered? We believe that they do. We 
have two arguments to this effect. First, Lascombe [1969] measured the 
spectra of certain H-bond systems from the gas phase to the crystalline 
phase at liquid helium temperature and encountered successively the free 
OH, then the asymmetric and finally the symmetric H-bond which are 
well distinguishable in the spectrum. Second, we found in the course of 
our low temperature solution work that sterically hindered OH groups 
which do not form H-bonds at room temperature (not even in pure liquids 


or at high concentrations) can be forced to do so at low temperature (e.g. 
2,6-diisopropylphenol) (Bourderon et al. (1972]). This would mean that the 
frequency of the 0-0 band itself varies with temperature under the 
pressure of the neighboring molecules in solutions. This is not really 
surprising. These H-bonds have AHs of 2-5 kcal/mole, not enough to 
make them very rigid. 

The role of amplitude and anharmonicity clearly appears in Rice and 
Wood’s treatment [1973] and it is also apparent in the data of table 13.4, in 
particular the lesser temperature shift of the O-D bands. 

In our previous publications we considered the temperature coefficient 
of vV, the first overtone of the X-H stretching vibration. However, at that 
time the weakness of the OH overtones in alcohols and the contribution 
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to the observed intensity of CH + OH type combinations was not fully 
realized. This interference is very large in the case of strongly associating 
alcohols such as methanol and ethanol but much less for the sterically 
hindered alcohols or phenol and it is insignificant for amines such as 
dimethylamine or N-methylaniline. More serious is the fact, mentioned 
earlier, that the degree of association corresponding to the maximum of 
absorption is not, in general, the same for the fundamental and for the 
overtone; the less associated species being favored at the level of the 
overtone. This is likely to apply to solvent configurations around the 
H-bond system as well. The result would be an apparent shift for the 
overtones which is smaller than it is in reality. For these reasons the 
problem of the shift of the overtones needs reexamination. 

It is perhaps appropriate to mention at this point that the degree of 
association of highly concentrated solutions of liquids at room tempera¬ 
tures is usually less than that found in dilute solutions at low tempera¬ 
tures. Examples can be found in previous publications from this laborat¬ 
ory (Bernard-Houplain et al. [1972], Bicca dc Alencastro and Sandorfy 
[1972], Bourderon and Sandorfy [1973] and Bernard-Houplain and San¬ 
dorfy [1973a]). 


13.7. Anharmonicity and the weakness of the overtones 


There is ample evidence to show that H-bond formation such as in 
alcohols is followed by an increase-by about an order of magnitude-in 
the intensity of the X-H stretching fundamental. This can be qualitatively 
understood by the high polarity of these H-bonds, the possibility of charge 
transfer from Y to X-H, and the corresponding high rate of change of the 
dipole moment with the (v x ) normal coordinate. In contrast to the 
fundamental the first overtone becomes very much weaker upon H-bond 
formation. This is, indeed, a major difficulty in the research on overtones 
and anharmonicity of H-bond systems. This important phenomenon, first 
noticed by Luck and Ditter [1967-1968] cannot be understood on the basis 
of intuitive arguments. 

Recently, Di Paolo et al. [1972] made a study using model calculations 
to obtain an insight into the effect of mechanical and electrical anhar¬ 
monicity on the intensity of the fundamental and the first overtone of 
X-H stretching bands. 

The transition moment for a vibrational transition of a diatomic 
oscillator can be given by: 



(13.17) 
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where v‘ and v" are the vibrational quantum numbers of the upper and 
lower states. If the potential is again taken to be 

V = JkQ 1 + k,Q' + k.Q\ < 1318 ) 


where k, k, and k. are the harmonic, cubic and quartic potential constants 
respectively and Q the normal coordinate, and the variable dipole 


moment as 


tx(Q) = Me+ + M 2 Q* 


(13.19) 


where m* is the dipole moment at equilibrium and 

= (dnldQ)c and /x 2 = iO 2 pldQ 2 )*, 

then 

tr m =h>r 2 p 


(13.20) 

(13.21) 


with 


and 


R I'*’ = J 'KQV.-dT 

R 5 ' = j 'KQ*' I'. dr. 


The 'I', are perturbed (to the second order) harmonic oscillator wave 
functions. The expressions for the R, were calculated by Herman and 
Shuler (1954). From their equations the intensities of the fundamental and 
the first overtones can be expressed as follows: 


A'° = (Sn y NI3hc)u) l '°lfit(\ + t& 2 )/V2+ah(- 5f> +SSbg -tW)/V2] 2 

(13.22) 


and 


A 2 ° = (&ir’NI3hc)w 30 [fL,V2Gb -t bg - lib’) + H 2 U ~ rg 


+ lb 3 )lV2Y, 

(13.23) 


where u> is the wave number in cm \ b = k>ho c% g = kJ(Oc and N is the 
number of molecules per cm’ in the lower vibrational level. 

We varied the values of /c 3 , /c 4 , /x« and /x 2 over wide limits in order to 
simulate conditions prevailing in H-bond systems and computed A 10 and 
A 20 for each case. 

The result was that the intensity of the fundamental underwent changes 
not exceeding ±20% with the variation of mechanical and electrical 
anharmonicity so that, in conformity with generally accepted ideas, A 1,0 
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depends essentially on /x,. The more surprising result was that the 
weakness of the overtone (A 2 °) is also due to the large value of jx,. 

We varied /x, from zero to about six times what it would be for a free 
OH band. Figure 13.11 (Di Paolo et al. [1972]) shows the variations of the 
intensities obtained for A ,0 and A 2 °. It is a striking result. Whereas the 
intensity of the fundamental undergoes a rapid increase when *x, in¬ 
creases, the intensity of the first overtone decreases rapidly in accord 
with experimental observation. 

If we set jx 2 = 0, that is, if we have no electrical anharmonicity, the 
picture changes completely and A l ° and A 20 exhibit a parallel increase 
with increasing /x, (fig. 13.11(b)). 

The reason for this is found if we take a closer look at the expression of 
A 20 (eq. (13.22)). While the coefficient of *x, is normally small in this 



m. k 4 * Ocnf* 




H-i k 4 - 0 cm" 


Fig. 13.11. Variation of the intensities of the fundamental-and of the first overtone 

-as a function of /xi = d/x/dQ. (a) With = 3.0 x 10 _,u e.s.u. cm; (b) with = 0. The 

numbers on the abscissa are to be multiplied by 10'” e.s.u. cm. From Di Paolo et al. [1972]. 
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the ma in factor in determining the intensity of the 
^overtone, a very .arge value of M , can cancel the contribution of fti 
nppntive value of the first term in eq. U i.Uh 
be , C ,Tc.ear from fhis that the decrease in intensity of the first overtone 
does not necessarily imply a decrease in electrical anhar, "°“C.V. ft « 
connected with the high value of M . making the compensation possible 
between the terms containing m> and m= in eq. (13.22). Equa y, 1 c 
seen that mechanical anharmonicity is needed to give m, an appreciable 
coefficient. (Any value of k > from - 200 to - 400 cm would be sufficient ) 
It is important to point out too. that in order to obtain agreement with 
pxneriment Mi and u 2 both must have the same sign. 

Using a somewhat different approach. Whalley [1972] arrived at 

^We^ht^oTstep further. It has been found previously in the case of 
self-associated alcohols that only the polymer bands (OH bonds in inner 
positions, not in small rings) show the above-mentioned two main 
intensity changes; dimers and oligomers (like cyclic tr.mers and tetram- 
ers) have weaker fundamentals and relatively strong overtones. This 
actually helpful in ascertaining the presence of certain associated species 
in liquid or dissolved alcohols and amines. Now, in looking at fig. 13.11(a) 
we see that a relatively small change in can bring about large 
differences in the relative intensities of the fundamental and its first 
overtone, giving a qualitative explanation of the different behavior of 
oligomer bands and polymer bands. 


13.8. Conclusion 

According to our present knowledge anharmonicity and disorder suffice 
to explain the most conspicuous spectral properties of systems containing 
moderately strong H-bonds. 
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14.1. Introduction 

A great deal of structural information about H-bonds cont, " u ® s to be 
obtained using the combined techniques of spectroscopy and d.ffract.on. 
While spectroscopic methods are concerned with energy leve'si of one 
sort or another, and only indirectly with structure, d.ffract.on methods 
focus directly on atomic locations thereby allowmg molecular and crystal 
structure to be determined in great detail. However, it should be clear that 
spectroscopic and diffraction methods supplement each other in the study 
of molecular structure and H-bonding. Therefore, in discuss.ng the results 
of IR, Raman and NMR spectroscopic studies of the hydrated proton 
systems H,0* ( H,0;. H,OT and H,0;, an attempt will be made to correlate 
as closely as possible these results with those derived from relevant 
diffraction studies. Diffraction studies of hydrated proton systems have 
been reviewed by Williams and Peterson [1971] and Lundgren and 
Olovsson (see ch. 10). 

Since vibrational spectroscopy (IR and Raman) is widely used in 
characterizing H-bonds, it is worthwhile mentioning the effect of H-bond 
formation on bond force constants and observed stretching frequencies. 
Consider an amino group, -NH 2 , in which the stretching frequencies 
correspond to two types of fundamental vibrations. For the symmetric 
stretching mode both amino group protons simultaneously vibrate toward 
or away from the nitrogen atom 


H H 

\ / 

N 


For the antisymmetric stretching mode the protons alternately vibrate 
toward and away from the nitrogen atom 
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H H 

\ / 

N 


When a H-bond is formed the effect is to decrease the force constant, k 
of the N-H bond. This causes a shift in the absorption band to lower 
frequency and as an approximation the frequency of vibration is given by 
the equation for a harmonic oscillator, v = (5c)Vfc/m, where v is the 
frequency in cm', c is the velocity of light in cm/s, m is the reduced mass 
in grams, and k is the bond force constant in dyn/cm. Vibrational spectra 
are significantly changed by H-bond formation and IR and Raman studies 
therefore provide the most sensitive physical methods available for 
detecting H-bond formation (for a detailed discussion see Pimentel and 
McClellan [1960] and Hamilton and Ibers [1968]). 

In the case of hydrated proton species H-bond formation involves 
O-H • • • O groups. The H-bonds formed may range in type from the linear 
symmetric 0 - H- -0 to the nonlinear asymmetric O-H-O. The 
modes of vibration are frequently characterized as the “symmetric 
stretch” which is generally associated with frequency (i/,), the bending 
motion {v 2 ) y and the “antisymmetric stretch” (i/,). When H-bond forma¬ 
tion occurs rather drastic changes are observed in the vibrational spec¬ 
trum which include, for an 0-H--0 bond, the following: 

(i) The O-H stretching frequency decreases. 

(ii) The O-H bending frequency increases. 

(iii) The band intensity and spectral width associated with the O-H 
stretching motion are greatly increased. 

It is this latter feature (iii) that often increases the difficulty in characteriz¬ 
ing H-bond spectra in solids. The O-H-O normal vibrational modes 
depicted below with their approximate frequencies are: 

(i) (6-H-6), symmetric stretch, 50-600 cm -1 . 

(ii) (6-H-O), antisymmetric stretch, 1700-3500 cm '. 

(iii) (O-H-O), bending motion, 800-1700 cm - '. 

i i 

The changes in stretching frequency mentioned above are often of 
considerable magnitude as illustrated in fig. 14.1. In addition to large 
frequency shifts on H-bond formation the characteristic absorption 
maxima are often much less sharp and greatly broadened. These changes 
are progressive with increasing H-bonding strength. The symmetric and 
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Fig. 14.1. Plot Of .he A-H stretching frequency versus bond distance (A--B)!n the 
A_H- B bond in solids. (See Nakamo.o e. al. 11955). P.men.el and McClellan [I960) and 

Hamilton and Ibcrs (1968)). 


antisymmetric stretching vibrations may sometimes be identified by the 
intensity comparison u, > v. (Raman) and v, > v, (IR)- Thus, as shown in 
fig. 14.1, there is a somewhat smooth and inverse correlation between 
frequency and strength when 0-H---0 H-bonds are formed. 

Although the interpretation of spectra from crystalline solids is much 
more complicated than that for gases, considerable information has been 
derived for hydrated proton systems as will now be discussed. 

14.2. The oxonium ion, H 3 0* 

Volmer [1924] first proposed that H,0* existed in a crystal lattice because 
the X-ray diffraction powder patterns of NH 4 CIO 4 and HC10 4 H 2 0 are 
very similar. From the X-ray pattern he concluded that HC10 4 H 2 0 is 
completely ionized, in the crystal, forming H 3 0‘ and C10 4 . Richards and 
Smith [1951] studied the NMR of polycrystalline HN0 3 H 2 0, HC10 4 H 2 0 
and H 2 S0 4 -H 2 0 and were able to measure H-H separations of 
~ 1.75(2) A, indicative of a nearly planar HjO entity. Assuming O-H 
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bond lengths of - 1.02 A. they derived a H-O-H angle of 115°. They also 
reported that a molecular reorientation of H.O' occurrred in H, O' CIO, a 
phenomenon that has caused great difficulty in the interpretation'of 
structural results (Nordman (1962]). From the proton NMR studies of 
Hennel and Pollak-Stachura [I969J it was concluded that even below the 
phase transition at 243 K the H,0* ion in H,0CI0 4 rotates about the 
threefold axis of the cation. From a variable temperature deuteron and 
proton NMR study of HCI0 4 ’H,0 O'Reilly et al. [1971] also concluded 
that below T, the H,0‘ ion reoriented about its threefold axis but above 
T the reorientation became essentially isotropic. 

The first infrared data were obtained by Bethell and Sheppard (1953) 
who studied liquid HN0, H>0 and HNOj and crystalline HNO, H.O. The 
two liquids have the same spectrum except for H : 0 bands in the former 
compound while that of crystalline HNO, H 2 0 is considerably different. 
Because H«0‘ and NH, are isoelectronic it was concluded that the 
oxonium ion also possessed pyramidal symmetry. The fundamental 
stretching frequencies (a, and e) were contained in a broad absorption 
extending from 2650-3380 cm ’. The bending fundamentals (a, and e) 
were assigned at 1134 and 1670cm The four fundamentals (2a, 2e) 
allowed in the infrared (or Raman) spectrum for a pyramidal H,0‘ with 
Cj v symmetry were therefore observed experimentally. An alternate 
possibility, that of a planar H»0‘ ion, would possess only three infrared 
active fundamentals. Although Ferriso and Hornig [1955] also observed 
the four infrared active fundamentals in their studies of the monohydrates 
of HF, HCI, HBr, HI, and DCI (at - 195°C), they had some difficulty in 
assigning the stretching vibrations. Assignments have also been made for 
H 3 0*CI0 4 and D»0‘C10 4 , based on the pyramidal structure, by Fournier 
et al. [1969] and Fournier and Roziere [1970]. The results of several 
Raman studies (Millen and Vaal [1956], Mullhaupt and Hornig [1956] and 
Taylor and Vidale [1956]), have for the most part, been rather inconclu¬ 
sive and will not be discussed here. Problems that have been encountered 
in the past Raman studies include the difficulty in obtaining large crystals 
as well as the fundamental problem of weak Raman intensities arising 
from the low polarizability of the H»CT ion. 

The assignment of the fundamental vibration frequencies for H 3 0* has 
proven difficult because the ion forms H-bonds with varying O-H-O 
separations (and strengths), which results in broad band spectra with the 
O-H vibrations appearing at very different frequencies (cf. fig. 14.1). The 
problem is sometimes even more complicated, as is the case in the often 
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studied H.O-CIO;, because of structural phase transitions tha, cause 
different spectra to be produced at different temperatures. The special 
case of H.O'CIO; is discussed in section 14.3. A comparison > 

ion fundamental vibrations in different compounds will be discussed 

the next section. 


14.3. Comparison of H,0* fundamental vibrations in various oxonium ion 

compounds 


It is well known that in H-bonded compounds the stretching mode is 
observed in the range of 3500-2500 cm' depending on the H-bond 
strength and the O -O distance. R (Nakamotoet al. [1955] and Pimentel 
and McClellan [I960]). Numerous correlations between the * ,ret< * , "8 
frequency shift (A) and R have also been reported by Lord and Merrifield 

[1953] and Bellamy and Owen [1969]. 

An important consequence of these observations is found in the case ot 
H,0*CIO; which has been the experimental mainstay for numerous 
spectroscopic investigations (Taylor and Vidale [1956], Fournier et al. 
[1969] and Fournier and Roztere [1970]) at ambient and liquid nitrogen 


temperatures. 

In the past problems have existed in differentiating the asymmetric (e) 
and symmetric (a,) stretching modes in the H»0* ion in oxonium halides 
and oxonium perchlorates (Gigudre [1966] and Fournier et al. [1972]). In 
the older data of Ferriso and Hornig [1955] and Taylor and Vidale [1956] 
the ai vibration was assigned at higher frequency. More recent data 
suggests an assignment of a, at the lower frequency (Fournier et al. [1969] 
and Fournier and Roziere [1970]). The available spectroscopic data for 
H 3 0* are summarized in table 14.1. The variation of HjO* stretching 
frequencies with decreasing 0 - 0 separation is readily apparent from 
table 14.1 and points to the difficulty of precisely identifying these 
vibrations even when the O • • • O distance is known. Unfortunately, in the 
case of H 3 0*C10;, the large decrease in H,(T • • • OCIOJ distance which 
occurs during the phase transition at — 30°C has been ignored. Using the 
data of table 14.1, the average decrease in O - O separation (in oxonium 
perchlorate) upon cooling through the transition is —0.21 A. Apparently 
only one structural transition occurs when H ? 0C10; is cooled from 
ambient to liquid nitrogen temperature (Nordman [1962]). Following the 
general procedure of Pimentel and McClellan [1960] and using the 
modified equation of Bellamy and Owen [1969], the 0 -0 shortening 



Table 14.1 

Comparison of H,0‘ fundamental vibrational frequencies (in cm ') in various oxonium compounds as a function of known 

O-X distances 
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could cause a concomitant O-H shift of as much as -390 cm '. Unfortu¬ 
nately, these changes have been neglected in past assignments making 
them somewhat suspect. By contrast, the bending mode frequencies are 
little changed in the various oxonium compounds reported in the litera¬ 
ture thus far. 

The most recent IR study of the oxonium ion is that of Basile et al. 
[1974] of the organic compound HjOCHjCTUSOJ, and the D,0‘ 
analogue, in which the ion possesses essentially C 3v symmetry in the 
crystal although it is not required by lattice symmetry (Finholt and 
Williams [1973] and Lundgren and Williams [1973]). The problem of 
unequal O-H- O separations, which in turn produces different O-H 
stretching frequencies, did not arise in this case because of the symmetri¬ 
cal H-bond environment about H,CT as illustrated in fig. 14.2. In addition, 
no evidence of molecular reorientation of H,0* appeared in these 
compounds. 




0(2) 


Fig. 14.2. Geometry of the oxonium ion and its symmetric chemical environment in 
H J OXH,C 6 H < SOr. All H,0*---0S0j bonds are equivalent at 2.53±0.01 A (reproduced 
from Lundgren and Williams [1973]). Estimated standard deviations of the distances are 

0.008 A and of the angles 0.5°. 


The typical broad band spectra obtained when studying H 3 0* contain¬ 
ing compounds are illustrated in figs. 14.3 and 14.4 for the H 3 0 + , D 3 0*, 
and Na* salts of the p-toluenesulfonate anion (Basile et al. [1974]). The 
derived normal modes of vibration, as drawn by computer (LaBonville 
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Fig. 14.3. Comparison of infrared spectra of H,0'CH,C 4 H 4 S(X. D,0*CH>C.H 4 S0, and 
Na*CH,C ft H 4 SO, in the region from 2800-1600 cm '. From Basilc et al. (19741. 


and Williams [1971]) using ORTEP (Johnson [1965]), are illustrated in fig. 
14.5. The assignment of fundamental vibrations for HjO‘ from various 
spectroscopic studies are summarized in table 14.2. 

From the previous discussion, and the results of tables 14.1 and 14.2, it 


Table 14.2 

Summary of fundamental vibration assignments and infrared spectral frequencies of H,0‘ 

(in cm ') 


(^i.a.) 


(*4, c) 

(i'l.a,) 

References 

3380-3150 

2650-2468 

1705-1670 

1150-1050 

b> 

3020 

3800-2400 

1600 

— 

c> 

2500-3500" 

1665 

1125 

d) 


B> General range of (i»,,a,) and (»>,, e). 
b> Gillard and Wilkinson (19641. 

° Ault and Pimentel (19731. 
d ’ Basile et al. (1974]. 
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(cm"') 

Fig. 14.4. Comparison of infrared spectra of H,OXH,C*H 4 SOj. DjO*CH>C*H4SO; and 
Na*CH,C*H 4 SOi in the region from 1300-800 cm' 1 . From Basile et al. (1974]. 



FREQ. 1 01 (STM ST) 



FREQ. 20 E (OSYM ST) 



FREQ. 28 E (PSTM ST) 





FREQ. 30 E (OSYM BNO) FREQ. 38 E 10SYM BNO) FREQ. H 01 (SYM 8N0) 

Fig. 14.5. Normal modes of vibration for H,0* as plotted by computer. From Basile et al. 

(1974]. 
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appears .hat one cannot ascribe fixed stretching frequencies for the u, and 
stretching modes of H.O* because they are a function of donor- 
acceptor distances in the hydrogen bonds formed. Furthermore, he 
normal coordinate calculations of Basile et al. [1974] indicate that as the 
H-bond becomes considerably shortened, below the O - O Van der 
Waals sum, there is a reversal in frequency such that (i/„ a,) > e). I his 

problem of frequency crossover is evident in the assignments given in 


table 14.2. , , . , 

In summary, it now appears that in the absence of the internuclear 

O.. • O separations in a given H-bond, it is impossible to “fingerprint 

HtO* except for the appearance of the bending modes (v 4% e) and (i^, ai) at 

~ 1700 and 1100 cm' 1 , respectively. 


14.4. H s O: 

Probably the first indication that the species H*Oi existed in a crystalline 
solid came from an X-ray study of [Co(en) 2 CI 2 ] CIHCI-2H 2 0 by Naka- 
hara et al. f 1952]. With this publication the controversy over the nature of 
the H,0; species began. The term H<OC is ambiguous, i.e., the two 
limiting structural possibilities are H«0*H 2 0 and (H 2 OH-OH 2 ) . These 
correspond to a monoaquaoxonium ion and diaquahydrogen ion, respec¬ 
tively. The main difference between these two formulations, assuming an 
O-O separation of - 2.40-2.50 A as is usually found for these species, is 
that in the former the bridging proton of the O-H • • • O bond is not shared 
equally by two water molecules and the integrity of the HjO ion is 
maintained (all O-H distances - 1.0 A). However, the alternate formula¬ 
tion (HjO H OHi)' suggests that the bridging proton is equally shared 
between two H ; 0 molecules resulting in bridge-bond O-H separations 
which arc very atypical, being ~ 1.20-1.25 A, while the “water” molecule 
O-H separations remain at —1.0 A. Indeed, the exact nature of HsOJ was 
not clarified in the X-ray study by Nakahara et al. [1952] but it may be 
reasoned that the large O-O separation of 2.66 A, and related center of 
symmetry between the two H 2 0 molecules, precluded the formulation 
(H 2 O H OH 2 )‘ in favor of a disordered* bridging proton structure best 

* In this case "disorder** implies lhat the bridging proton is distributed between two sites in 
a double-well potential. In a crystal this departure from perfect periodicity may be static 
("disorder in space") or dynamic ("disorder in time**). It is generally not possible to decide 
between the two models using diffraction data alone because the results reflect the time 
averaged distribution over the entire crystal. However, the NMR technique is well suited to 
the study of these effects. 
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described as H 3 0*H 2 0. Clarification of the true nature of this species in 
the cobalt complex came from the neutron diffraction study of Williams 
[1967] in which it was found the O • • • O separation was much shorter than 
previously reported (2.50 ± 0.02 A, and recently revised to 2.431 ± 0.006 A 
by Roxiere and Williams [1975]) and the bridging H-atom of H,0 2 was 
located at, or very near, the center of symmetry relating the two oxygen 
atoms; hence the structural description (H 2 OHOH 2 )\ It was further 
pointed out by Williams [1969] that numerous configurations (cw- # trans - 
and gauche) would likely be observed for (H 2 O H OH 2 )\ 

The first infrared study of the cobalt complex appears to have been that 
of Curtis [1960] who concluded that the salt contained H.O* and H 2 0 
However, Gillard and Wilkinson [1964] demonstrated that neither “free’’ 
H 2 0 bands, associated with water of crystallization, nor H,(T bands 
could be observed which led them to reformulate the compound as 
[Co(en) 2 Cl 2 ]Xr-H,OJ-Cr. 

The main problem associated with the spectral studies reported prior to 
1970 was that interpretation was difficult because transition metal coordi¬ 
nation compounds containing interfering ligands such as (py-), (en 2 ), 
bipyridyl, and (o-phen) were used (Gillard and Wilkinson [1964] and 
Dollimore et al. [1965]). The obvious solution was to study simpler salts of 
H,0;, e.g. perchlorates or halides etc., in which ligand interference could 
be minimized. The first investigations were reported by Chemouni et al. 
[1970] and Pavia and Gigufcre [1970] who studied HCI0 4 -2H 2 0 and 
DCI0 4 -2D 2 0. This work followed the X-ray study of Olovsson [1968] in 
which it was suggested the correct compound formulation was trans- 
(H 2 0 H 0H 2 )*C10 4 because the very short O - O separation of 2.424 A 
between two water molecules, coupled with a crystallographic center of 
symmetry relating them, strongly indicated that the bridging proton 
resided at or very near the bond center. However, the correct formulation 
must await a determination of the proton positions via neutron diffraction. 
In the spectroscopic studies of HCI0 4 -2H 2 0 two serious problems were 
encountered, with respect to identification of all O-H vibrations present, 
viz. (i) the O-H bands were always broad and either overlapped mutually 
or by C10 4 anion bands, and (ii) more than one type of O-H band was 
present. The normal modes of vibration of frans-(H 2 OHOH 2 )* are 
illustrated in fig. 14.6 and simply by virtue of their number one would 
expect the vibrational spectrum to be complex. 

The problem of band overlap was partially overcome by studying 
compounds such as HC1-2H 2 0 as was done by Gilbert and Sheppard 




Fig. 14.6. Illustration of the normal modes of vibration of the fronj-(H,O H-OH 2 )’ ion 

(reproduced from Pavia and Giguere (1970)). 

[1971, 1973] and Roziere and Potier [1972]. However, the H s O? species 
present in HCI04-2H 2 0 and HC1-2H 2 0 are different. Although both 
possess very short O-O separations (—2.41-2.42 A) the cation configu¬ 
rations are trans-{ symmetric) and gauche (asymmetric), respectively. 

A summary of the observed infrared bands for H 5 0 2 are contrasted 
with those of H 3 0* in table 14.3. A detailed and meaningful comparison of 
fundamental vibration assignments for H 5 0 2 is difficult for H 5 0 2 C104 and 
H 5 0 2 Cr because all investigators assumed that the best cation represen¬ 
tation was (H 2 O H OH 2 )‘ and not H 3 0'*H 2 0. While this assumption may 
be valid for HsOJClO;, it is unlikely that the bridging proton of H 5 OJ is 
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Table 14.3 

A comparison of the observed infrared bands - ' for H.O* and H.O; in the region 

900-3500 cm' 


Ion or 
compound 

Band I 

Band II 

Band III 

Band IV 

Symmetry at 
bridging H 
site 

H,0*° 

3500-3150 

2650-2460 

1700-1670 

1150-1050 

_ 


2990-2850 

2250-2200 

1705-1660 

1000-900 

Unknown 

h,o;cio 4 *’ 

3200*" 

2700 

1680 

1100-1070 

T 

h^cio;" 

3300.3200 

absent 

1900-1700 

1400 

1080.1040 

I 

H,0;ci -'.H.O.Br 

3500-2400 

2100 

1850-1400 

1300-900 

none 

H,o;cr h> 

3500-2700 

2350.2240 

1700 

1270 

none 


More than one absorption maximum may occur in the regions specified. Since assign¬ 
ments of the fundamental vibrations vary so greatly in the literature the reader should refer 
to the original article for details. 

Bands at 3600. 3510. 3415 and 3125 cm ' were assumed to be combination bands. 

" Summary of the spectroscopic studies of Gillard and Wilkinson (I964| and Basilc ct al. 
(1974). 

d * Gillard and Wilkinson (1964]. 

" Chemouni ct al. (1970). 

° Pavia and Gigufcre (19701. 

" Gilbert and Sheppard (1971. 1973). 

M Rozidrc and Potier (1972). Gilbert and Sheppard suggest this reported spectrum is actually 
that of HCI-4H.O. 


located at the 0---0 bond midpoint in H«OjCl because of water 
molecule nonequivalence (crystallographically) and concomitant asym¬ 
metry in the H-bonding environment about HsOJ. This problem was 
discussed by Roziere and Potier (1972] and Gilbert and Sheppard [1973], 
but until the proton positions are determined a precise interpretation 
remains difficult. Furthermore, it is difficult to find great agreement among 
the HsOJ spectra given in table 14.3. Indeed, different investigators appear 
to derive somewhat different spectra from the same compound. It is also 
clear that a serious question must be raised-does (H 2 O H OH 2 ) 4 in a 
crystal produce a characteristic spectrum? It appears that this is unlikely 
because of the various conformations exhibited by the cation in addition to 
the wide variability in O-H frequencies arising from varying O-H-X 
contact separations observed in crystals studied to date. The additional 
problem of the IR “continuum" in liquids that may develop due to the 
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insight into the nature of the problem may be 

by neutron diffraction (Brunton and Johnson [1974]). In the spectroscopic 
study primary consideration was given to correlating the derived proton 
Itmenn sctuare-displacement, (RMSD, of (H.O HBH,)' w„h those 
from the diffraction study. In the VOX study a set of frequencies s.miUr 
to those proposed by Pavia and Giguere |1970] was used and the HyO ; 
normal mode frequencies were calculated. A least-squares procedure was 
employed to give the best fit between observed and calculated frequencies 
and although the agreement was good, the calculated RMSD of the H.<U 2 
bridging proton (HI) disagreed markedly with those derived in the 
neutron diffraction analysis. In the neutron diffraction study the major 
axis of the bridging H1 thermal ellipsoid was inclined at 12° to the O • • • O 
bond line while the major axis of the calculated (spectroscopic) ellipsoid 
was inclined at 90° to this vector. Whereas large displacements parallel to 
the O• • • O bond line were obtained from neutron diffraction (ND) 
measurements (see fig. 14.7), large perpendicular displacements were 
obtained by Bates and Toth. An examination of the contribution to the H1 
displacements by each of the internal coordinates showed that the 
H-O-HI bending coordinates (H is a “terminal'' H<Oj proton) produced 
the large perpendicular displacements, so a “constrained model (hereaf¬ 
ter BTCN) was adopted which excluded such coordinates. This resulted 
in production of a vibrational ellipsoid having its major axis parallel to 
the O • • • O bond line in agreement with the neutron diffraction results. 

The calculations of Pavia and Giguere (1970) (PG) and Roziere and 
Potier [1972] (RP) were repeated and the derived RMSDs for the ND. PG, 
RP, and BTCN models were plotted using ORTEP (Johnson [1965]) and 
are illustrated in fig. 14.7. While large displacements perpendicular to the 
0** 0 bond line were obtained using the PG and RP models, the BTCN 
model apparently yielded the best description of the bridging proton 
thermal motion. The BTCN spectroscopic results therefore suggest that a 
slight disorder of the bridging (H : O H OH.)' proton, along the 0 -0 

bond line, may exist in YOX. Such a disorder would be very difficult to 
resolve using the neutron diffraction data alone. The BTCN spectral 
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PG MODEL 



8TCN MODEL 


Fig. 14.7. Vibrational ellipsoids for (HjO H OHj)' derived from the ND study and calcu¬ 
lated from the RP, PG and BTCN models (see text). O-atoms (RP, PG and BTCN models) 
and H-atoms (BTCN model) represented by spheres of arbitrary radius. Redrawn from 
Brunton and Johnson [1974] and Bates and Toth [1974]. 
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assignments for H 5 0 2 * apparently paralled those of Gilbert and Sheppard 

[1 Whe'reas'the PG and RP models represent H,Oi as a discrete molecular 
entity, the BTCN mode, is essentially that of a 
two independently vibrating water molecules , i.e., (H 2 0 * 

seem that additional comparisons of diffraction and spectroscopic data 
are needed in order to gain further insight into the nature ofHsO,- 
interesting that the BTCN interpretation is in agreement withthesoUih 
infrared studies of Zundel [1969] who also concluded that the H O 
molecules of H,OJ retain their individuality as vibrating groups while the 
bridging proton exhibits a tunnelling motion between them. 

Before leaving the discussion of H,OI it seems appropriate to discuss 
the NMR-NQR single crystal study of HAuCh-4H 2 0 by O Reilly et al. 
[1971], The study was made after Williams and Peterson [1969] pointed 
out the difficulty in assessing the nature of the proton disorder in the U>0 2 
ion using diffraction data alone. The H,0: groups (0-- 0 2..57 A) are 
linked by water molecules by means of normal H-bonds (O • • • O 2.7 ) 

forming a H 9 0; repeating unit which extends in an infinite chain along the 
b axis as shown in fig. 14.8. The interesting structural feature is the H,0 2 



Fig. 14.8. H,0 2 *-2H,0 groups, in HAuCL-4H : 0. which are assembled into a ring that is a link 
of a chain extending along b. The H,0 molecules which bind the H,0,‘ groups together arc 
rather loosely held and display large thermal motion. The disordered proton is indicated by 
the dumbbell-shaped figure. Large circles are oxygen and small circles hydrogen (reproduced 

from Williams and Peterson (1969J). 

group in which the proton is disordered between two equivalent sites as 
shown in fig. 14.9. In the NMR-NQR study (O'Reilly et al. [1971]) the 
proton spin-lattice relaxation time T\ of H s 0 2 AuC17-2H 2 0 exhibited a 
minimum at 273 K which was assigned to an interbond proton jump of the 
bridging H 5 OJ proton. The activation energy for this process was 
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Fig. 14.9. Configuration of the trans -H,Or ion in HAuCL-4H,0. The two 0(1) and the two 
JH(I) sites are coplanar. The 0***0 separation is 2.57±0.01 A and the 0-H---0 angle is 
172°. The estimated standard deviations of the distances are 0.01 A (reproduced from 

Williams and Peterson (1969)). 

5.7 kcal/mole, which increased to 11.7 kcal/mole below 218 K when a new 
phase formed. Therefore the “instantaneous” configuration ap¬ 
peared to involve H»0‘ 0H 2 in which the bridging proton jumped 
between two oxygen atoms. A vibrational spectroscopy study of this 
compound should prove most interesting. 

i4.5. h,o; 

As was pointed out previously any meaningful discussion of higher 
proton hydrates requires some knowledge of “structure”. This is particu¬ 
larly true when analyzing recent spectroscopic data. A formulation such 
as H 7 OC is somewhat ambiguous with regard to structure but again this 
specie may be generally described in terms of the two limiting pos¬ 
sibilities: Hj 0‘-2H 2 0 or (H 2 0 H 0H 2 )* H 2 0. Unfortunately none of the 
simple limiting structures seems strictly appropriate and it appears that 
neither a “pure” HjO‘ (equivalent O-H distances) nor (H 2 O H OH 2 )* has 
been observed in any H7O3* species. When a discrete H 7 0; is encountered 
the structural description is only moderately complicated, but when the 
entity is H-bonded to other water molecules to form a three-dimensional 
network a description in terms of discrete species is exceedingly difficult. 

In terms of precise knowledge of “structure” and proton location, only 
one compound containing a discrete H 7 OJ cation has been studied by 
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ion surrounded by two water molecules at dittering u v 

'A and 2 518 A. In this case the O-H separates (in H.O ) are 

^uTvalen, being 0.990. 1.018 and 1.095 A. Although « 
measurements have been reported for this compound it 
that any true differentiation between e.ther model. H,0 or (H.O H OH:) 
will be possible but some insight into the nature of the protonJherma' 
motion may be possible using the approach of Bates and Toth [197 ]. 
Spectroscopic interpretation will be complicated because the three non- 
equivalent O-H separations in H.O* will produce mult,pie broad band O-H 
absorption instead of the one expected for the symmetrical^H,0 ion 
studied in p-toluenesulfonic acid monohydrate (Lundgren and Williams 

[1973] and Basile et al. [1974]). * . . , 

Infrared studies of compounds thought to contain the H 7 0, ion include 



Fig. 14.10. Geometry of the H 7 0,* ion and its asymmetric chemical environment in 
5-sulfosalicylic acid trihydrate. H,0,*C*H,(COOH)(OH)SCX. The OW1-H12-OW2 bond 
angle is 176.9°. The estimated standard deviations of the distances are 0.005 A (reproduced 

from Williams et al. (1972]). 
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HN0j- 3H 2 0 and HCI0 4 3H 2 0 (Roziere and Potier 119731) and HC1-3H 2 0 
and HBr-3H 2 0 (Gilbert and Sheppard [1971, 1973]). The central or “core” 
species in the CP and Br" salts were regarded as (H 5 0I*H 2 0). The H 7 0,* 
vibrational frequencies are summarized and contrasted with H,0* in table 
14.4. The spectra are in reasonable agreement, except for band II, 
considering the similarity of nearest-neighbor 0- 0 contact distances 


Table 14.4 

Comparison of observed infrared bands for H,Q‘ and H,OI in the region 1000-3600 cm'"' 


Ion or 
compound 

Band I 

Band II 

Band III 

Band IV 

0-0 contact 
distances (A) 
about the “central” 
oxygen atom 

H,0* b> 

3500-3150 

2650-2460 

1700-1670 

1150-1050 

_ 

H,o;Nor* 

3240,3180 

2100 

1800.1700. 
1640 

1190.1150 

2.48,2.57,2.80 d > 
2.49,2.57,2.62“ 

H,o;cior‘ 

3580, 3500. 
3420,3180 

2600 

1900.1700. 
1610 

1270,1050 

2.48, 2.54,2.74° 

H T 0?C|- g,J * 

3400,3180. 
2% 1,2884 

2170 

1700 

1430-830 

2.43,2.75 h> “ 

H T 0;Br-‘ ,J> 

3360,3175, 
3038, 2963 

2132 

1691 

1345-885 

2.47,2.68 ,,, ‘ 


See footnote a) of table 14.3. 

b> Gillard and Wilkinson [ 1964) and Basile et al. 11974]-summary of spectroscopic results. 
*’ Rozifcre and Potier [1973]. 
d ‘ Taesler et al. [1973]. 

•' Luzzati [1953] considered the core species to be H,0*. 

° Almlof [1972] considered the core species to be H,0\ 
g> Gilbert and Sheppard [1971,1973]. 
h * Lundgren and Olovsson [1967]. 

0 Lundgren [1970]. 

” The core species was considered to be (HjOJ-HjO). 


about the central ion (see table 14.4). The similarity between the vibra¬ 
tional frequencies of HjO* and H 7 OJ (table 14.4) is pronounced and may 
serve to strengthen spectroscopic interpretation in terms of a central 
H 3 (T ion. 

A detailed comparison of spectroscopic versus neutron diffraction 
RMSDs of the H 7 OJ atoms would be desirable for these compounds. 
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14.6. h,o: 


frequently the chemist's introduction to the concept of the hydrated 
H'(H O) comes through consideration of the proton in aqueous 
I'ZL A Wdy o”.nc., <se« Wick. .. .1- [.954, and wi.h regard ,o 
new results concerning the nature of the excess proton .nso'ut.on see 
section 15 7.2) derived mainly from solution chemistry studies, indicates 
that the central ion in solution is H,CT and its primary coordination sphere 
‘ontls one. two or three H 2 Q molecules and H,0'-3H 2 0 » considered 
the dominant species. Certain crystalline inorganic acids such as 
HX-4H:0 where X is a halogen, are considered as the most likely 
compounds to contain the H,OI cation because only the water oxygen 
atoms can form strong H-bonds. In particular HBr-4H ; 0 is frequently 
considered as (H,0*-3H 2 0)Br- and an analysis of the infrared spectrum 
was undertaken by Rudolph and Zimmerman [1964] long before any 
knowledge of the crystal structure was available. The spectrum presented 
in fig 14 11 illustrates the typical broad band absorption maxima charac¬ 
teristic of hydrated proton species which renders interpretation so 
difficult. The spectrum may be partially explained in terms of the rather 
complicated crystal structure derived from the X-ray diffraction analy¬ 
sis of Lundgren and Olovsson [1968] and presented in fig. 14.12. 
From a consideration of the 0 -0 separations (no protons posi¬ 

tions were determined) the structure was interpreted as being 
(H703r(H 9 04)*-2Br“ H 2 0. The core ion of the and H 9 0 4 species was 
considered to be H.CT. The 0-H-- 0 H-bond lengths in H,CK are 2.47 
and 2.50 A and 2.50, 2.59 and 2.59 A in H,0.*. Apparently one “free" H 2 0 
exists and forms normal H-bonds having O-O separations of about 
2.75 A length or greater. An equally acceptable interpretation of the 
structure, given the very short H-bonds formed (O -O « 2.50 A), could 
be made in terms of very distorted H a O* species or even (H 2 0-H0H 2 )*. It 
is highly unlikely that (^distorted H,0* ions are present. The wide range 
of observed O-H • • • O separations undoubtedly contributes to the forma¬ 
tion of multiple O-H absorption maxima thereby producing the compli¬ 
cated spectrum given in fig. 14.11. Very recently Gilbert and Sheppard 
[1973] reported the first preparation and spectroscopic study of 
HC1-4H 2 0. The spectrum could not be analyzed due to its complexity, but 
it was concluded that HBr-4H 2 0 and HC1-4H 2 0 are not isostructural. The 
observed vibrational frequencies for HBr-4H 2 0, HC1-4H 2 0 and HjO are 
contrasted in table 14.5. Stretching vibrations (assuming HjO* was 
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Fig. 14.12. A drawing of the structure of HBr-4H 2 0. Circles denoted I and II represent 
bromide ions and the O-atoms 1-8. H-atom positions are assumed and 0(2) and 0(6) arc 
assumed to be H,0\ The “core" species of H,0,* and H.O,* are 0(2) and 0(6). respectively 
(reproduced from Lundgren and Olovsson (1968J). 


Table 14.5 

Observed infrared bands for H,0‘ and H*OI in the region 1000-3400 cm 


Ion or 

compound Band I Band II Band III Band IV 


H,0‘*’ 

HBr4H 2 O b> 

HCMHjO 0 


3500-3150° 
3355.3295.1 
3120. 3000 r 
3300.3229. 
3065.2962 


2650-2460° 
2630°.2060° 

2235 


1700— 1670 u * 
1845*.1660° 

1696.1600 


1150-1050'” 

1313 d ’ 

1328. 1079, 
1007 


*’ Gillard and Wilkinson (1964] and Basile et al. (19741-summary of spectroscopic results. 
b> Rudolph and Zimmerman (19641. Spectrum measured at -170°C. 
e> Assigned as a H,0* stretching vibration. 
dl Assigned as a H,0’ bending vibration. 

° Assigned as a H 2 0 vibration. 
n Gilbert and Sheppard (19731. 
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present in HBr-4H 2 0) were assigned at 2060 and 2630 cm ', and the 
bending vibrations at 1313 and 1845 cm '. 

The similarity between HjO* and HBr*4H 2 0 spectra is not pronounced 
as was observed by Rudolph and Zimmerman [1964]. Furthermore, it is 
difficult to uniquely characterize the HBr*4H 2 0 spectrum in terms of the 
HjCT, Hs 0 2 * or HtOJ spectra tabulated in tables 14.2 and 14.4. Indeed, in 
this case, a detailed interpretation of the spectrum will almost certainly 
have to await both a neutron diffraction analysis and a much more 
complete characterization of hydrated proton spectra. The latter may 
pose a much more difficult problem than the former. 


14.7. Summary 

From a comparison of spectroscopic and diffraction data we have gained 
considerable insight into the nature of hydrated proton species in crystal¬ 
line compounds. Clearly, the interpretation of hydrated proton spectra 
solely in terms of H»0* species is not only naive but often incorrect. More 
often than not, for example, the H 5 OJ ion is present as the diaquahyd- 
rogen ion, (H 2 OHOH 2 )\ rather than as the monoaquaoxonium ion, 
HsCT'OH,. However, because of the complexity of solid state vibrational 
spectra produced by these species it is often difficult to differentiate 
between them using spectroscopic data alone. To this end a great deal of 
work remains in the area of precise interpretation of spectra. It is also 
apparent that interpretation of some of the present spectroscopic data 
requires a better knowledge of structure, particularly proton location, 
which must await neutron diffraction measurements. An exciting area 
from which a much more complete understanding of the nature of 
dynamic processes in hydrated proton systems may be gained involves 
the further application of single crystal magnetic resonance techniques to 
these systems. In many ways so much remains to be done in the study of 
hydrated protons that the field may be considered as still being in its 
infancy. 
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15.1. Introduction 

With many amorphous, especially liquid systems, a continuous absorp¬ 
tion is observed in the IR spectra. This continuum begins in the region 
3500-1500 cm"' and extends towards smaller wave numbers, generally 
over the whole range investigated. In contrast to these results with 
amorphous systems, broad bands are usually observed in crystals with 
H-bonds. These bonds and the different bond-widening mechanisms in 
the case of crystals are discussed by Hadii in ch. 12. A review on the 
theories of these different mechanisms is given by Hofacker et al. in 
section 6.2. 

On investigating aqueous solutions of acids and bases as early as in the 
thirties, Suhrmann and Breyer [1933) observed an IR continuum in the 
overtone region. A continuum in the region of the fundamentals was 
found by Ackermann [1961) with similar systems and by Zundel et al. 
[1962] with hydrated polystyrene sulfonic acid films. 

Acidic and basic polyelectrolytes are especially suitable for investigat¬ 
ing the nature of hydration of the excess (H‘) and defect (OH ) protons, 
since with these systems the degree of hydration can be made very low, 
whereby the amorphous character of the hydration structure is preserved. 
Extensive investigations with polystyrene sulfonic acid showed that the 
continuum with acids is caused by H 5 O 2 groupings. Further, these 
investigations suggested that the continuum is strongly connected with 
the fluctuation of the proton in the H-bond in the H 5 OJ. Hence in this 
bond a double-minimum or a flat broad potential should be present 
(Zundel and Metzger [1968]). Theoretical investigations by Weidemann 
and Zundel [1967] gave a first explanation for the occurrence of this 
continuum. The interaction between such H-bonds via proton dispersion 
forces shifts the energy levels, causing a continuity of energy level 
differences of the transitions in these H-bonds when their mutual dis¬ 
tances and orientations show a statistical distribution. This mechanism is 
indeed of importance but only in special cases, as we shall see in the 
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following. With base solutions the same is true with regard to the grouping 
H 3 O 2 (Zundel [1969a] p. 187). A comprehensive survey concerning these 
results was given by Zundel [1969a]. 

Subsequently, it was shown that the IR continuum is not limited to the 
presence of HsOJ or H 3 OI groupings. Rather it may be observed when 
(BH • • • B)* or (BH • • • B)~ bonds having a double-minimum or a flat broad 
potential, or (B,H • • • B 2 ) bonds with an asymmetrical double minimum are 
present (see section 15.3, especially table 15.1). Further, it was demon¬ 
strated through theoretical treatments by Weidemann and Zundel [1970] 
and by Janoschek et al. [1972] that such H-bonds are extremely easily 
polarizable and that their integral absorbance can be very large. This 
polarizability causes several interaction effects of these H-bonds with 
their environment, as, for instance, induced dipole interactions with the 
ions and with the dipole fields of the solvate and solvent molecules. An 
induced dipole interaction between charged H-bonds also occurs. Be¬ 
tween largely symmetrical easily polarizable H-bonds proton dispersion 
forces are of importance. This interaction preferentially occurs between 
uncharged H-bonds, since the charged H-bonds become asymmetrical 
through induced dipole interactions. These interactions shift the energy 
levels causing the continuity of energy level differences observed as an IR 
continuum. Thus when continua of the types discussed in the following are 
observed with amorphous systems, it may be concluded that easily 
polarizable H-bonds are present. 

The various interaction effects of the easily polarizable H-bonds with 
their environment are discussed in sections 15.5 and 15.7.2.1. The IR 
continua observed are dependent on the nature of the polarizable 
H-bonds and on the nature of their environment. Experimental results 
relating to this are given in section 15.6. The nature of the hydrated H‘ 
and OH is discussed in section 15.7. Various methods have shown (for 
summary see Zundel [1969a] p. 178) that the H9O4 plays a special part in 
aqueous acid solutions. The same is true of the H7O4 group in base 
solutions (Ackermann [1957]). The nature of the H 9 OI grouping was 
discussed by Wicke et al. [1954]. Their explanation was criticized by 
Newton and Ehrenson [1971] and revised by Zundel [1970]. The nature 
of the H 7 0; group was explained by Schioberg and Zundel [1973]. In 
section 15.7.2.1 the results of model calculations are described which 
show the behavior of the polarizable H-bonds in H 5 OJ groupings interact¬ 
ing with a more extended aqueous environment. 

Besides the mentioned interaction effects, the large polarizability of the 
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H-bonds in H s O.: or H,0; is the reason for the anomalously large 
conductivity of acid and base solutions, since this polarizability is the 
cause of the field sensitive mechanism of the Grotthus conductivity 
(Weidemann and Zundel [1970]). This and other more general viewpoints 
regarding this conductivity are given in section 15.8. 

Finally, in section 15.9 the possible significance of easily polarizable 
H-bonds in biological systems is considered. 


15.2. The groups causing IR continua in aqueous acid and base solutions 

15.2.1. The H 3 OJ grouping with acids 

In the spectra of aqueous HC1 solutions a continuum arises with increas¬ 
ing concentration (fig. 15.1.1). A continuum is also observed with hyd¬ 
rated films of polystyrene sulfonic acid (PSA), but with the corresponding 
Na* salt no rise of the background is observed (fig. 15.1.2). This 
continuum shows the following features: Beginning at the OH or OD 
stretching vibration bands of the water molecules, i.e., at about 3400 cm 
(OH) or at about 2500 cm' 1 (OD), it extends towards smaller wave 
numbers. In the case of the HCI solutions (fig. 15.1.1) it is shown that the 
continuum is much less intense in the region below the broad band of the 
torsional vibration, i.e., below 400 cm"'. Compared with the integral 
absorbance of infrared bands, the integral absorbance of this continuum 
is extremely large. A similar effect, but less pronounced, is observed in 
the Raman spectra of HCI solutions (fig. 15.1.5) (Pemoll et al. [1975]). 

The reasons for this continuum were first studied in detail with films of 
the strongly acidic polyelectrolyte PSA (Zundel and Metzger [1968] and 
Zundel [1969a]). IR spectra of these films were measured at various 
degrees of hydration and hence at various degrees of dissociation. The 
true degree of dissociation could be determined from the bands of the 
-S0 2 OH groups which change fundamentally on dissociation. The v(S-O) 
band at 907 cm' 1 , which disappears on dissociation, is especially suitable 
for this purpose (see fig. 15.1.2 and Zundel [1967] and [1969a] p. 116ff.). 
The absorbance of the continuum increases in proportion to the true 
degree of dissociation at not too large proton densities (fig. 15.2.1). Thus 
the continuum arises when the acid protons are removed from the anions. 
The extrapolation of the curves in fig. 15.2.2 shows that with PSA the acid 
proton can be removed from the anion when two water molecules are 
available, i.e., when H 5 Or groupings can form. These findings taken 
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Fio IS 1(1-4). IR spectra: . , . 

(!) Aqueous solutions of HC1 (at 28*C). Sickness 13.6the order of sequence. of 

increasing absorbance of the background 0.0. 1.21. 2.45. 4.85. 7.28. 8. 

!mS Sulfonic acid (PSA). Abe. 5 M .hick mcmb.aac.a.^C) -—hydrated 
at 98% relative air humidity..after thorough dry.ng.-Na salt of PSA hydrate . 

(3) PSA D,0 hydrated (at 25°C). _„ ^ 

(4) PSA hydrated at 33% relative air humidity..at 292 K. ai iv. 

/<\ Raman spectra of aqueous HC1 solutions (at 20°C): 

(in the order of sequence of increasing scattering of the background 0.0.2.0 4.0.6.0. about 12.0 
mole HCI/1. taken with Cary 82 argon laser Spectra Physics excitation 4880 A. 100 mwatt at the 
sample, spectral bandwidth 1cm-). Region 0-2700. sensitivity l.Ox lO'.cts/s x full scale; 

region 2700-4000 cm"-and.10 x 5 x 10* cts/s x full scale. --- 1.0 x 10 4 cts/s x 

full scale. Thanks are due to Prof. I. Pernoll. FU Berlin, for having provided these Raman 

sDectra. 


together demonstrate that the H,0 2 * groupings cause the contmuum. In 
section 15.7.1 it will be seen that also in aqueous solutions the H 5 0 2 grouping 
is the reason for the IR continuum. 

The HiOi groupings are composed of an excess proton and two water 
molecules, as shown in fig. 15.5.1. The question now arises as to whether 
bands of H,(T groupings-known from H,CT containing crystals (see ch. 
14)-may be found in the IR spectra of hydrated PSA or in aqueous 
solutions. Comparison of the IR spectra of H ? 0 with D 2 0 hydrated PSA 
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Fig. 15.2. Results with PSA: 

(the curves show the results for membranes having different degrees of cross-linking and 
sulfonation). 

(1) Absorbance of the continuum as a function of a,, the true degree of dissociation. 

(2) Number n of water molecules available to the excess proton as a function of a„ the true 

degree of dissociation. 
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films, in the range of the symmetrical bending vibration of the H,0‘ or 
D 3 0‘ grouping, showed that the latter does not vibrate as an entity 
(Zundel [1969a] p. 163ff.). This indicates that the excess proton fluctuates 
very rapidly between both water molecules in the H,0 2 ‘. Thus a double¬ 
minimum or a broad flat potential well must be present for the motion of 
the H-nucleus in this H-bond. Hence, the excess proton must be de¬ 
scribed by means of the two proton boundary structures shown in fig. 

15.5.1. 

This finding is in good agreement with recent diffraction data for crystals. From the surveys in 
ch. 10 and section 14.4 it may be concluded that apart from the oxonium ion. H.O', the 
(symmetric or asymmetric) H,0; ion is particularly well-defined and occurs frequently in the 
solid hydrates of the strong acids. With respect to the neutron diffraction data Williams and 
Peterson (1971J wrote: “Very recent neutron diffraction single crystal studies (Williams (1969|) 
of compounds containing higher proton hydrates suggest that in the crystalline state the unit 
H,0:. a diaquated hydrogen ion, is a unique and important species. The correct formulation is 
believed to be (H,OH-OH,)*. and not H,0*H,0. although intermediate cases may exist'*, see 
also section 15.6.7. 

When the hydrate structure around the H* shifts to and fro in the 
network of the water structure, this is called structure diffusion (with 
respect to the hydration structure around the H 3 0 2 see section 15.7). A 
structure diffusion step occurs when the H* of the H 5 0; grouping changes 
roles with one of the H-nuclei in the H-bonds formed by the two water 
molecules of this grouping, as illustrated by fig. 15.22 in section 15.8. The 
more extended environment becomes rearranged whereby the water 
molecules become reoriented. With the structure diffusion the coupling of 
the proton motion in adjacent H-bonds is of great importance as demon¬ 
strated by Fang et al. [1973]. It was shown by Eigen [1963] that at room 
temperature the rate of the structure diffusion is slow compared with the 
fluctuation of the H* within the primary hydrate structure, i.e., within the 
H-bond in the H 5 OJ group. 

The question arises as to whether the reason for the continuum is the 
structure diffusion of the HjCX. Two findings show that this is not the 
case. Firstly, fig. 15.2.2 demonstrates that at low degrees of true dissocia¬ 
tion, H 5 O 2 groups are formed preferentially. In the network of almost 
only H5O2 and anions, the structure diffusion cannot proceed as easily as 
when more water is present. Hence, if the structure diffusion were the 
cause of the continuum, one would expect a parabolic rather than the 
linear rise of the absorbance of the continuum with a„ shown in fig. 

15.2.1. Secondly, we shall see in section 15.3.1 that continua also occur 
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with H-bonds in groups which are not cross-linked by other H-bonds, for 
instance, with the (BH---B)* bonds between dimethyl sulfoxide or 
N-methyl imidazole molecules. With these groupings structure diffusion 
is impossible. Both results thus show that structure diffusion is not the 
cause of the continuum. Hence, it is suggested that the continuum is 
connected with the fluctuation of the proton in the H,C> 2 . 

In order to decide whether energy of activation is required for the 
proton to move in the H-bond in H,0:. the temperature dependence of the 
continuum for hydrated PSA was studied (Zundel and Schwab [19631). 
The absorbance of the continuum was unchanged with PSA when cooled 
to 85 K (fig. 15.1.4). It was therefore concluded that no activation energy 
is required for the excess proton to fluctuate in the H-bond in H 5 O;. 
Hence the potential well is either a broad flat or a double-minimum 
potential well. If in the latter case the barrier is higher than the lowest 
level the proton fluctuates by tunneling. 

In summary , we can state that all results with polystyrene sulfonic acid, 
presented in detail by Zundel [1969a] pp. 159-176, lead to the hypothesis 
that the excess proton is extremely mobile in the H-bond in H 5 OJ and that 
the continuum is closely connected with the fluctuation of the excess 
proton. This fluctuation of the proton is termed tunneling when a barrier, 
higher than the lowest level in the double minimum, is present. 


15.2.2. The H,0 2 grouping with bases 

In the IR spectra of aqueous base solutions, the continuum becomes 
apparent with increasing base concentration (fig. 15.3.1). The continuum 
occurring with bases was studied with films of the strongly basic 
polyelectrolyte poly-(p-trimethyIammonium)styrene hydroxide (Acker- 
mann et al. [1966, 1969]). Figure 15.3.2 shows that the continuum is 
observed with hydrated OH ions but not with hydrated Cl ions in the 
polyelectrolyte. With these aqueous base systems the continuum is 
strongly connected with the fluctuation of the H-nucleus within the 
H-bond in the H,OJ group (Zundel [1969a] p. 187). This group can be 
described by the two proton boundary structures shown in fig. 15.5.2. The 
motion of the negative charge in this structure results from a fluctuation 
of the H-nucleus between the OH groups, causing an apparent fluctua¬ 
tion of the negative charge. In the following, the term “defect proton” is 
used if a negative charge in a H-bond, i.e., if (BH-- B)' bonds are 
present. 
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Fig. 15.3. IR spectra of bases: 

(1) Aqueous solutions of KOH (at 28°C). The figures are mole/l KOH. Layer thickness 15 /x- 

(2) Polyelectrolyte membranes (at 25°C), about 10 thick, hydrated at 90% relative 

air humidity. - poly(p-trimethyl ammonium)styrene hydroxide. . poly(p- 

trimethyl ammonium)styrene iodide. 


15.3. IR continuum - a more general effect 

The question now arose: Is the continuum only observed in systems with 
H 5 OJ or H 3 OJ? Are there other systems with other H-bonds which also 
cause IR continua? In the following it will be shown that the continuum is 
observed with a large number of liquid and other amorphous systems. The 
systems investigated up to now are summarized in table 15.1. 

15.3.1. Non-aqueous SYSTEMS 

Figures 15.4.1 and 15.4.2 show completely water-free solutions of toluene 
sulfonic acid in dimethyl sulfoxide (DMSO) and in methanol. In each case 
an intense continuum is observed with increasing acid concentration 
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(Kampschulte-Scheuing and Zundel [1970]). Similar results were obtained 
with methan sulfonic acid in DMSO by Williams and Kreevoy [1967]. The 
true degree of dissociation can again be determined from the KS-O) of the 
-S0 2 0H groups at 907 cm-'. With DMSO solutions this band is not 
observed. Thus with the saturated solution, too, all acid groups are 
dissociated. 

The antisymmetric stretching vibration of the -SOj groups at 1200 cm 
becomes a doublet due to the removal of degeneracy if these groups are 
involved in H-bonding (Zundel [1969a] p. 172). With the DMSO solution 
this band is not split. Thus the -SO,' groups of the anions are not involved 
in H-bonding and hence the H* ions form a H-bond with two DMSO 
molecules as shown in fig. 15.5.3. These H-bonds cause the continuum, 
thus demonstrating that they are H-bonds with a double-minimum or flat 
broad potential well. 

The same is true of the (BH • • • B)* bonds between methanol molecules 
(fig. 15.4.2 and fig. 15.5.4). 

Another water-free system investigated was N-methylimidazole (Zun¬ 
del and Muhlinghaus [1971]). As protonation with HC1 increases in the 
protonation range 0-50%, (NH---N)* bonds between two N- 
methylimidazole molecules are formed (fig. 15.5.5) which cause the 
continuum. When more than one HVmethylimidazole are present, 
cnr — cr bonds come into being which also cause intense continuous 
absorption. 

Figure 15.4.3 shows that in completely water-free solutions of CH,OK 
in methanol an intense continuum arises with increasing CH,OK concen¬ 
tration. It can be shown that (BH • • • B) bonds cause this continuum (see 
fig. 15.5.6 and Schioberg and Zundel [1973]). 

With the DMSO solutions investigated the continuum is more intense in 
the region below 1600 cm 1 than at larger wave numbers. This wave 
number dependence is much more pronounced with systems investi¬ 
gated by Pawlak and Sobczyk [1973] and Pawlak [1973a]. These 
authors studied quarternary ammonium salts in acetonitrile solutions 
(fig. 15.6). In the systems (C 4 H,) 4 N*CHCl 2 COO‘ + CHCl 2 COOH 
(fig. 15.6.1), (CzHs^NXeChO’ + CeChOH (fig. 15.6.2) and 
(C 4 H 9 ) 4 N*3,5(N0 2 ) 2 C 6 H,C00' + 3,5(N0 2 ) 2 C 6 H,C00H they found intense 
continua below 1500cm' 1 and ascribed these to (BH **B)“ H-bonds 
between the carboxylate ions or chlorophenole molecules. In the system 
(C 5 H 5 N0) 2 H*C10 4 in acetonitrile, a strong continuum below 1500 cm' 1 is 
observed, too. This continuum is ascribed to (BH • • • B)* bonds between the 
N-oxide molecules. 



Table 15.1 

Summary of amorphous systems with easily polarizable H-bonds causing IR continua and the types of easily polarizable H-bonds formed 
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ov = continuum investigated in the overtone region. 



Table 15.1 -( contd .) 
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with DMSO or tributyl- t O-HOOCCF, 5.4 f, Husarand Krecvoy [1972) 

phosphinoxidc 
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Lindemann and Zundel [1972], the layer thickness was varied so that the same number of alcohol molecules was present in the beam at all 

degrees of deprotonation. 
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(1) h,o; 

(2) H,0 2 

(3) H*(DMSO)j 

(4) H*(CH,OH) 2 

(5) semi-protonatcd N-methylimidazole 

(6) semi-deprotonated methanol 

(7) semi-deprotonated imidazole 

(8) water added to N-base molecules 

(9) water added to deprotonated N-base molecules 

(10) zwitterion of serine phosphoric acid P-methylester. 


In contrast to this result with pyridineoxide, in analogous systems with pyridine (fig. 
15.6.3), substituted pyridines or quinoline in acetonitrile or nitromethane (Clements et al. 
[1971a, b], Pawlak and Sobczyk [1973] and Pawlak (1973b)), two broad bands are observed in 
the region 2800-1600cm - ' instead of the continuum (see section 15.3.2). 

In summary , it follows that the continuum is observed not only with the 
H-bonds in H 5 O 2 and in H 3 OJ. It may also be observed in water-free 
media when (BH • • • B)* or (BH • • • B)~ bonds with a double-minimum or a 
broad flat potential well between solvent or dissolved molecules are 
present. It will be shown in section 15.4 that such H-bonds are extremely 



EASILY POLARIZABLE H-BONDS-IR CONTINUUM 


707 




Fig. 15.6. IR spectra of substances dissolved in acetonitrile: 

(1) -CHCljCOOH,-(C 4 H») 4 N' CHCIjCOO' , 

-(C 4 H,) 4 N*CHCI 2 COO +CHCI,COOH 1:1. concentration 0.1 M. 

(2 ) -C*Cl,OH.- (CjH j ) 4 N*C.CI*0 . 

--(C 2 H,) 4 N*CXI,0 +C*CI,OH 1:1.concentration 0.15M. 

(3) -C,H,N*HCIO; + C,H,N 1:1, 

-C,H,N*HCIO; + C,H,N 1:8. concentration0.2 M. 

These spectra were taken from Pawlak and Sobczyk [ 1973) with the kind permission of the 

authors. 

easily polarizable. In the following, H-bonds causing IR continua will 
therefore be referred to as polarizable H-bonds. 

15.3.2. IR CONTINUA WITH HYDROGEN BONDS BETWEEN DISSOLVED 
MOLECULES 

The substances dissolved in acetonitrile discussed in section 15.3.1 are 
systems in which H-bonds causing continua form between dissolved 
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molecules. The question now arises as to what conditions must be fulfilled 
in order that such H-bonds be formed between dissolved but not between 
solvent molecules. 

When the pK. value of a dissolved molecule is larger than that of the 
protonated solvent, on addition of a strong acid the H' ions become 
attached preferentially to the dissolved molecules. Hence one should 
expect that (BH • • • B)* bonds between the dissolved molecules would be 
formed causing a continuum. Analogously, on the addition of strong 
bases, (BH • • • B) bonds between the dissolved molecules should form 
preferentially if the pK, of the dissolved molecules is smaller than that of 
the solvent. 

(BH • • • B)* bonds between dissolved molecules. The formation of 
(BH • • • B)* bonds with N-bases dissolved in water were studied by Zundel 
and Muhlinghaus [1971] and extensively by Sessler and Zundel [1972a]. 
IR spectra were obtained for more than twenty N-bases in aqueous 
solutions, protonated with HCI, having pK a values of the protonated 
species between 0-12. The results are summarized on the left-hand side of 
table 15.2. Since the pK a of protonated water is <3 0, (Arnett [1963]) one 
would expect that (NH-NK bonds form between the dissolved 
molecules. 

Continua are observed with a large number of these solutions. The 
question as to which types of (BH • • • B)* bonds are the reason for the 
occurrence of this effect is answered by considering the dependence of 
the absorbance of the continuum on the degree of protonation. Some 
examples are given in figs. 15.7.1-4 (% figures are % HCI relative to the 
dissolved substance). 

With highly concentrated imidazole solutions (figs. 15.7.1 and 15.8), the 
continuum increases in the protonation range 0-50%, since (NH---N)* 
bonds are formed*. It decreases in the protonation range 50-100%, since 
two imidazole molecules are no longer available for the H*+. Thus the 

* (NH---N)* bonds were probably also present in the systems investigated by Shinitzky 
[1968a]. He has shown that acridine, quinoline and isoquinoline in alcoholic solutions form 
1:1 charge transfer complexes with their protonated or methylated positively charged 
forms. (NH---N)* bonds are also formed in isocytosine crystals when protons are added 
(Thomas et al. [1969]) (see section 15.9.1). 

+ An analogous curve shape is observed on investigating aqueous solutions of POJ' 
dependent on the H*/K‘ ratio present (POJ - concentration > 1 M/I) (Schioberg et al. 
[1974]). The intensity of the continuum increases in the region 1.0—1.5 H7POJ" and 
decreases in the region 1.5-2 H’/POi". 
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Fig. 15.7. Absorbance of Ihe IR conlinua of aqueous N-base solutions as a function of the 
degree of protonation (HCI) or deprotonation (KOH or CH.OK) respectively in % relative to 
the dissolved substance (for experimental details see Zundel and Miihlinghaus (1971J, 
Scssler and Zundel f 1972a) and Schidberg and Zundel (1973)). The layer thickness given in 
the following is the thickness of the non-protonated or non-deprotonated sample. As 
described by Lindemann and Zundel (I972J. the layer thickness was varied so that with all 
samples the same number of dissolved molecules was present in the beam. 

(1) imidazole 0.72g/ml. 20at about 1900cm ' 

(2-4) I mole substance/6 mole H,0. at 1800 cm ' 

(2) 1,2.4-triazole 

(3) 2-methylpyrazine 

(4) 2-hydroxypyridine 

(5 and 6) mole ratio dissolved substance solvent 1:6, 15/x, at 1800cm"' 

(5) -methanol,.pyrrole in methanol,-imidazole in methanol, 

-2-hydroxypyridine in methanol. 

(6) -water,-imidazole in water,-2-hydroxypyridine in water 

(7-9) mole ratio dissolved substance solvent 1:6, 15 jx, 

-at 1800 cm'’,-at 1200 cm"' 

(7) pyrrole in methanol 

(8) imidazole in methanol 

(9) imidazole in water. 
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Fig. 15.9. IR spectra: 

(1 and 2) solutions in H s O. 1 mole substance: 6 mole H,0. dependent on protonation with 
HCI (% figures % HCI relative to the dissolved substance) (at 30°C) 
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(1) pyridine 

(2) 2 -methylpyrazine 

(3) 2-hydroxypyridinc 

(4 and 5) solutions of imidazole. 1 mole imidazole: 6 mole solvent, dependent on deprotonation 
(% figures % KOH or CH.OK). thickness of the layer of the non-deprotonated sample 15 /x 
(with respect to the variation of the value see legends figs. 15.4.3 or 15.7) 

(4) imidazole solution in water deprotonated with KOH 

(5) imidazole solution in methanol deprotonated with CH,OK. 


polarizable (NH • • • N)* bonds are ruptured and asymmetrical NH * • • • OH 2 
bonds are formed. The latter can be seen from the NH stretching 
vibration which arises as a broad band in the range 3000-2500 cm \ At a 
protonation degree over 100% the continuum increases steeply because of 
the formation of H 5 OL 

Let us now consider how the pK a influences the shape of the curves in 
figs. 15.7.1-4. The pK ^-dependent changes can be understood, since the 
less the difference of the pK a between protonated substance and proto- 
nated H 2 0 (ApK a ), the more the formation of H 5 0 2 groupings is favored in 
preference to that of NH + • • • OH 2 bonds. Hence the continuum caused by 
formation of H 3 OJ occurs at an ever lower protonation degree, the smaller 
the ApK a mentioned. Thus the shape of these curves shows in characteris¬ 
tic fashion that at low protonation degrees polarizable (NH • • • N y bonds 
and at larger protonation degrees asymmetrical NH'---OH 2 bonds are 
formed, and in addition more and more H 5 0 2 , the smaller the ApK u . For 
N-bases with pK a <0 this asymmetrical NH* -0 bond becomes easily 
polarizable (see section 15.3.4). 

The fact that no continuum caused by (NH • • • N)* bonds is found with 
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the aqueous solutions of N-bases with pK. larger than about 8.5 (see table 
15.2) is explained in section 15.6.2.1. 

In section 15.3.2 it was shown that in the case of the pyridine and quinoline systems in 
acetonitrile two broad bands occur in the region 2800-1600 cm" instead of the continuum. 
The preceding discussion and the comparison of fig. 15.6.3 with fig. 15.9.1 makes it seem 
very probable that the high wave number component of this pair is caused by the NH 
stretching vibration of H-bonds which are formed between NH' groups and solvent 
molecules. This band vanishes in this position on H -* D exchange (Clements et al. (197lal). 
The other band which in aqueous systems is more or less masked by the water band at about 
2130 cm ' (fig. 15.9.1) was already ascribed by Witkop (1954a.b) to the imino structure C=N' H. 
Chenon and Sandorf y [1958] assigned this band to a combination of a ring stretching vibration 
plus a vibration at about 400 cm". Detailed discussions of this band pair are given in the 
publications mentioned in section 15.3.2 and by Wood (1972a, b]. He ascribes this band pair to 
(NH • • • N)' bonds between the N-base molecules in which the proton tunnels. The assignment 
to (NH • • • N)* bonds is reinforced by the dependence on base concentration (fig. 15.3). The fact 
that these H-bonds cause bands instead of a continuum must, however, be clarified by further 
investigations. 


(BH • • • B)‘ bonds between dissolved molecules. The formation of 
(BH---B) bonds between N-bases dissolved in water and alcohol were 
studied by Schioberg and Zundel (1973]. The systems investigated are 
summarized on the lower right-hand side of table 15.2. The spectra of 
imidazole in water and alcohol, with varying degrees of deprotonation 
with KOH or CH,OK, are shown in figs. 15.9.4 and 15.9.5. The 
absorbance of the continua as a function of the deprotonation degree is 
shown in figs. 15.7.5-9. 

The pK. values of H 2 0 and CH 3 OH are 15.8 and 16.0. The values for the 
dissolved substances are given in table 15.2. With respect to the difference 
between the pK. of the solvent and the dissolved molecules (ApK.), with 
imidazole and 2-hydroxypyridine one would expect curve shapes similar 
to those observed on protonating dissolved substances. These are in fact 
observed (figs. 15.7.5-9). Hence with small deprotonation degrees, 
polarizable (NH • • • N)~ bonds between the dissolved molecules (fig. 

15.5.7) , and with larger deprotonation degrees polarizable (0H---0)" 
bonds between the solvent molecules are formed. This is confirmed by 
changes in the bands as discussed by Schioberg and Zundel l 1973]. With 
pyrrole, the pK a values of solvent and dissolved substances are similar, 
therefore no decrease of the slope at 50% deprotonation is observed (fig. 

15.7.7) . The changes in the bands show, however, that (BH---B)" bonds 
of both types, and possibly also between solvent and dissolved molecules, 
are formed in parallel over the whole deprotonation range. 
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15.3.3. IR CONT.NUA W.TH (BH • • • B)* BONDS BETWEEN ADSORBED 

MOLECULES 

IR continua of adsorbed molecules were first observed by Roev and 
Terenin [1959] and by Roev [I960]. These authors investigated water, 
ethanol and methanol adsorbed on chromium oxide. In these systems, the 
continuum is probably caused by the polarizable H-bonds formed by the 
excess and defect protons which occur due to protolytic splitting of the 
adsorbed molecules (Zundel [1969a] p. 112). Cant and Little [1964. 1968] 



Fig. 15.10. IR spectra of molecules adsorbed on silica gel surfaces:-pure silica gel, 

.and-silica gel with adsorbed molecules. 

( 1 ) water 

(2) methanol 

(3) dimethylsulfoxide 

(4) 2-methylpyrazine 

(5) 2-methoxypyridine 

(6) pyridine 

(7) N-methylimidazole 

(8) triethylamine 

(9) piperidine. 
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observed IR continua on investigating ammonia on silica gel surfaces and 
Low and Subba Rao [1969] on investigating aniline on porous glass. 

With molecules adsorbed on silica gel surfaces, the dependence of the 
continuum on the pK a of the adsorbed molecules was studied by Noller et 
al. [1972]. These results are summarized at the upper right of table 15 2 
and the spectra are shown in fig. 15.10. A continuum is observed which 
becomes more and more intense with increasing pK, of the adsorbed 
molecules. In the same series, the broad band in the range 
3500-2500 cm ', caused by the H-bonds between the OH groups of silica 
gel and the adsorbed molecules, is shifted to smaller wave numbers, since 
these H-bonds become increasingly stronger. With increasing pK. 1( 
protons of surface OH groups or of residual water molecules transfer to 
the adsorbed molecules. The continuum shows that the protons form 
polarizable (NH---N)* or (OH - Or bonds between the adsorbed 
molecules. The connection between the absorbance of continua and the 
Hammet-factor of adsorbed substituted pyridine molecules is discussed by 
Knozinger [1974] (see section 27.2.4). For details see Noller et al. [1972] and 
ch. 27. 

15.3.4. IR CONTINUA WITH ASYMMETRICAL HYDROGEN BONDS 

In this section various systems with asymmetrical polarizable H-bonds 
are presented. The nature of the potential wells in the different cases is 
discussed in section 15.6.3. 

In fig. 15.19.5 the absorbance of the continuum is plotted dependent 
on the mole H 2 0/mole acid in the cases of aqueous phosphoric acid 
solutions. A strong continuum is also observed when no water is present 
and hence the H-bonds between the phosphate ions are easily polarizable. 

A maximum of the absorbance is observed when one water 
molecule/acid molecule is present. This can only be understood assuming 
that the H-bonds between these acid groups and the water molecules are 
easily polarizable. This result shows that in these H-bonds broad flat 
potential wells or potential wells with a double minimum are present. In 
the case of phosphoric acid the proton is found preferentially at the anion 
as shown by the bands of the anions (fig. 15.19.5, see also section 15.7.1). 
Thus the deeper well of the potential is found at the anion, as illustrated 
by the schematic representation in fig. 15.19.2 (for details see Schioberg 
and Zundel [1975a]). 

Polarizable H-bonds are also found between the dissolved protonated 
N-bases and the water molecules when the pK a of the N-base is < 0. For 
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N-bases with larger P K a the NH stretching vibration in ihe NH' • • OH, 
bond is observed as a broad band in the region 3000-2500 cm (figs. 15.9. 
and 2). In the case of 2 -hydroxypyridine (pK„ = 0.75) this band is strongly 
broadened and merges more or less in the continuum (fig. 15.9.3), since 
with decreasing P K„ of the N-base the NH* —OH, bond becomes more 
symmetrica! and hence polarizable. 

Similar types of H-bonds should be the (N-HO) bonds formed 
between water molecules and strongly basic groups. With substances 
having large pK„ of their protonated species, such as lysidine dissolved in 
water, a rise of the background in the range 3000-1700 cm 1 is observed. 
This background disappears on protonation with HC1 (see fig. 15.11.1 and 
Sessler and Zundel [1972a]). This result shows that asymmetrical polariz¬ 
able H-bonds are formed between the water and the base molecules (see 
section 15.6.3). With regard to the pK u values (lysidine 11.5, water 15.8) 
the deeper well in the (N---HO) bonds is present at the water molecule, 
i.e., structure I in fig. 15.5.8 is realized preferentially. 

With substances having large pK„, polarizable (N • • • HO) bonds should 
be observed when the deprotonated species of these molecules dissolved 
in water or alcohol is present. For instance, with the imidazole-water 
system the ApK., i.e., the pK, difference between the dissolved molecules 
and water molecules is only 1.6. Hence in the (N • • • HO) bonds which are 
formed between the deprotonated dissolved molecules and water, asym¬ 
metrical double minima should be present (fig. 15.5.9). This is indeed the 
case, since, with these systems, the absorbance of the continuum in¬ 
creases at larger wave numbers much more strongly than in the range at 
about 1200 cm"' (figs. 15.7.7-9) (see discussion of the nature of the 
potential wells and the wave number ranges in which the continuum is 
observed, section 15.6.3). Hence in H-bonds, for instance between the 
deprotonated imidazole and water (fig. 15.5.9), asymmetrical double 
minima are observed. The H-nucleus, however, is only seldom present at 
the dissolved molecule, i.e., proton boundary structure I has a much 
larger weight (for details see Schioberg and Zundel [1973]). 

4,4'-dichlorodiphenyl-sulfoxide (CbDPSO), triphenyl phosphine oxide 
(TPPO) and trioctyl phosphine oxide (TOPO) in CC1 4 or CS 2 were 
investigated by Koll et al. [1972], varying the degree of protonation with 
HC1. Asymmetrical, fairly easily polarizable H-bonds between the dissol¬ 
ved molecules and HC1 are formed. In the CbDPSO system, a broad band 
at 2400 cm' 1 is observed, followed by a rise of the background up to about 
1650 cm -1 . The TOPO and TPPO systems show intense continua in the 
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region 2500-700 cm '. With the TOPO system, the continuum shows a 
band-like structure in the region at about 2200 cm"'. 

In the system (C 2 H 5 )4 N*NOj HOOCCC1j in acetonitrile at a stoichiometric 

ratio of 1:1, H-bonds between nitrate ions and the trichloroacetic acid 
molecules are formed which cause a continuum only in the region below 
1500 cm 1 (Pawlak and Sobczyk [1973]). 

Intramolecular hydrogen bonds causing continua. Figures 15.11.2-4 
show spectra of aqueous solutions of serine phosphoric acid P- 
methylester (Papakostidis and Zundel 119731). With the zwitterion, a 
continuum is observed in the range 3000-1700 cm' 1 and below 1000 cm '. 
Thus an asymmetrical H-bond with a double minimum must be present. 
This continuum disappears when the H-bond in the zwitterion is removed 
by adding KOH. It can be shown by considering the bands of the 
carboxylic and of the phosphate groups that the proton in the zwitterion 
can be present at both groups. Thus the continuum shows that polarizable 
H-bonds are formed between these groups (fig. 15.5.10). The deeper well 
of the double minimum is at the carboxylic group, which is also shown by 
the bands of the carboxylic and of the phosphate groups. On the addition 
of HC1 to the solution of the zwitterion, a continuum extending from 
3000 cm 1 over the whole range investigated caused by intermolecular 
polarizable (BH---B)* bonds is observed (for details see Papakostidis 
and Zundel [1973]). 

15.3.5. IR CONTINUUM AND CONTINUOUS ENERGY LEVEL DISTRIBUTION 
OF THE PROTONS IN HYDROGEN BONDS 

The observation of a continuum indicates that either the ground state or 
an excited state, or both, have a continuous energy level distribution. 
Thus, the observation of a continuum demonstrates that the energy levels 


Fig. 15.11. IR spectra of aqueous solutions: 

(1) ly sidine, 1 mole substance: 6 mole H 2 0, dependent on protonation with HCI (% figures % HC1 
relative to the dissolved substance) (at 30°C). 

(2-4) serine phosphoric acid P-methylester solutions concentration 0.48 g/ml (at 25°C). 

(2) H 2 0 solution, deprotonation of the zwitterion with KOH (% figures % KOH added 
relative to the dissolved molecules). 

(3) HjO solution, 114% deprotonation, 51% and 125% protonation with HCI relative to the 
dissolved molecules. 

(4) D 2 0 solution,.0% (zwitterion),-solution deprotonated on addition of 114% 

KOD relative to the zwitterions,.solution protonated on addition of 127% DC1 

relative to the zwitterions. 
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of the protons in the H-bonds causing continua have a continuous 
distribution. 

How do these continuous energy level distributions come into being? 
The energy levels of a particle which tunnels in a potential well, as shown 
in fig. 15.12, are always split. Continuity of energy levels can, however, 
never come into being solely due to a particle, isolated from its environ¬ 
ment, tunneling in a H-bond with a double minimum. A different 
mechanism must play a significant role in causing the continuum. The 
interaction of the H-bonds with their environment is of decisive impor¬ 
tance. In order to study these effects we shall first consider the behavior 
of a single isolated H-bond in an external electrical field. 


Fig. 
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15.12. Schematic representation of a double-minimum potential well and the wave 
functions of the two lowest levels E„. and E« . 


15.4. Large polarizability of hydrogen bonds 

In the following, it will be shown that H-bonds with a double-minimum or 
a flat broad potential are usually extremely easily polarizable. Their 
polarizability is about two orders of magnitude larger than usual 
polarizabilities (Weidemann and Zundel 11970] and Janoschek et al. 
[1972, 1973]). For details of the theory see these publications or chs. 3 
and 5. 

The large polarizability of such H-bonds can easily be understood by 
considering the symmetry of the wave functions and the distances 
between the energy levels (fig. 15.12). The ground state of a particle in a 
potential well, as shown in fig. 15.12, is an even function and that of the 
first excited state is an odd function i/r a (Hund [1927]). In both states the 
proton is found with equal probability in either well. A superposition of 
these states, however, causes an asymmetrical charge distribution. The 
first excited state of a tunneling proton, however, is separated only 
slightly from the ground state. Hence, even a very small electrical field is 
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sufficient to add this state to the ground state. Thus a small electrical field 
can cause an asymmetrical charge distribution, i.e.. polarization. I here- 
forc such "symmetrical" H-bonds are easily polarizable. On polarization, 
however, the symmetry is largely disturbed (fig. 15.14). i.e.. these s y m ™ ct ' 
rical double-minima or flat broad potentials can easily be deformed. They 

are very soft. . , 

This polarizability was calculated first by Weidemann and Zundel 
[ 1970 ] in an approximation termed “tunneling approximation" in solid- 
state physics (Narajanamurti and Pohl [ 1970]). In these calculations, a single 
H-bond with a symmetrical double-minimum potential in an electrical field 
was considered (see section 5.2). The following formulas for the shifts of 
the energy levels E, the dipole moment m induced in the H-bond, and the 
polarizability a were obtained by these calculations. 


£ 0 , = ± VCihuo) 3 + (Fp Y = ± lhvoV\ + Z 2 with Z = 2Fp lhv 0 (15.1) 

M (F, T) = ( pZ/V\ + Z‘) tanh [(fii/o/2JcT)Vl + Z ! ] (15.2) 

a(T, t'o) = ( 2p 2 lhv 0 ) tanh hvJlkT (15.3) 


whereby: */« = tunneling frequency, F = electrical field, p - dipole mo¬ 
ment of the proton boundary structures shown in fig. 15.5, and T = 
temperature. 

The two most important results of these calculations are: /) With not 
too large tunneling frequencies the polarizability of the H-bond is about 
two orders of magnitude larger than usual polarizabilities. It decreases 
with increasing field strength. This is shown in fig. 15.15.1 (dotted curves). 
2) The lowest level is lowered, and the first excited one rises with 
increasing field strength. 

The tunneling approximation has the important advantage over the 
following calculations in that it permits an analytical description (eqs. 
15.1-15.3). On the other hand, however, two important factors were not 
taken into account: (a) The higher excited states were neglected, (b) The 
coupling of the proton motion with the translational vibration of the 
H-bond was not considered. 

Therefore SCF-MO-LCGO calculations were performed (Janoschek 
et al. [1972]) for H s OJ as an example illustrating the properties of a 
symmetrical H-bond with a double minimum. 

The 0-0 equilibrium distance with the “free" H 5 OJ, i.e.. the grouping 
without an environment, is only 2.39 A (Kollman and Allen [1970] and 
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Kraemer and Diercksen [1970]). This equilibrium distance, particularly 
with liquids, becomes enlarged by the environment, as has been shown by 
various experimental methods: X-ray and neutron diffraction studies of 
solid hydrates (see sections 10.3 and 10.4.5), X-ray investigations of liquid 
HCI solutions (Lee and Kaplow [1970]). neutron scattering experiments 
with the same systems (Narten [ 1974] and Triolo and Narten (1974]), and, 
in the case of the O-F distance with the H-bond F •••H 2 0, nuclear 
magnetic relaxation by Hertz and Radle [1973], This influence of the 
environment is particularly well demonstrated by comparison of ice VIII 
with ice I (Kamb [1968]). 

Further, the 0-0 distance in a solution has a broad distribution as a 
result of thermal motion. Therefore, larger 0-0 distances and especially 
the dependence of the properties of the H-bonds on the 0-0 distance were 
calculated and discussed. The method and details are given by Janoschek et 
al. [1972, 1973] and are reported in ch. 3. 

Let us now consider the results of these calculations : I) Figure 3.7 
shows that the change of dipole moment on proton motion is almost twice 
as large as the contribution of the proton, for displacements which are not 
too large. This additional contribution is caused by the electrons, since the 
lone pair which the transferring proton approaches is shifted in the 
direction of the proton and that at the other water molecule recedes. This 
dipole moment, calculated for the H.O; isolated from its environment, is, 
however, underestimated with respect to the dipole-moment change when 
the proton transfers in the H<0 2 * embedded in the hydrate structure. Since 
for reasons of symmetry the center of the charge must fluctuate from 
O-atom to O-atom, this is associated with much larger dipole-moment 
fluctuations. With other systems, it was shown by Ratajczak and Sobczyk 
[1969, 1970] and by Hawranek et al. [1972] (see figs. 20.2-4) that dipole- 
moment changes associated with proton transfer in H-bonds can be much 
larger. The fact that the dipole moment calculated for the isolated 
groupings is underestimated must be taken into account when the 
interactions of these H-bonds with their environment are considered. 2) 
The transition moments are very large compared with those of stretching 
vibrations in asymmetrical H-bonds. 3) As with the tunneling approxima¬ 
tion, the levels shift considerably, depending on the field strength (fig. 
15.13). 4) Figure 15.14 shows that the potentials are largely deformed by 
the electrical fields. The potential well of such a H-bond is very soft. 5) 
This is strongly connected with the most important result, with the very 
large polarizability of this type of H-bond (fig. 15.15.1). This polarizability 
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Fig. 15.13. The four lowest energy levels of the H-bond in H«0? plotted over the field 
strength in H-bond direction. The distance between the zero points of the lower and upper 

levels is the one calculated. 


decreases with increasing field strength, i.e., if the potential becomes 
asymmetrical. The polarizabilities with fields of approximately 10 7 
volt/cm are, however, still about one order of magnitude larger than 
the usual electron polarizabilities. A necessary prerequisite that a H-bond 
is easily polarizable is, however, that the charge shift by the H-nucleus is 
not compensated for by the electrons which follow the H-nucleus. There 
are also H-bonds in which the proton transfer is not connected with a 
change of the dipole moment (Janoschek [1973] and section 3.3). 6) As 
the field increases, the H-bonds become asymmetrical (fig. 15.14), the 
polarizability must differ in each direction. Hence hyperpolarizabilities 
(Buckingham [1959]) are of importance (fig. 15.15.2). 7) Finally, it is shown 
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X(A) x(A) x(A) x(A) 


Fig. 15.14. Potential wells of the H-bond in H ? 0^ for various field strength in au (atomic 
units) or V/cm, respectively, at the H-bond with various 0-0 distances. 


Fig. 15.15. The polarizability a and the hyperpolarizability p of the H-bond in the H,0^ 
grouping for various 0-0 distances and various temperatures in degrees Kelvin, plotted 
against the field strength F and against A V, the energy difference between the two minima; 
.tunneling approximation in the case of 300 K. 

(1) Polarizabilities 

(2) Hyperpolarizabilities. 
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in fig. 15.14 that the energy levels shift strongly, depending on the 0-0 
equilibrium distance. 

With these calculations (Janoschek et al.( 19721), the second point, the 
coupling of the proton motion with the translational vibration of the 
H-bond, was not yet taken into account. The influence of the translational 
vibration on the properties of the H-bond in H<0 2 * was calculated solving 
the Schrodinger equation with the energy surface (energy depending on 
OH and 0-0 distance). For methods and details see Janoschek et al. 
[1973] and ch. 3. The following results were obtained : /) The polarizabil¬ 
ity of the H-bond remains almost the same (cf. fig. 15.15.1 with fig. 3.10). 
2) The number of transitions is considerably increased by this coupling 
(fig. 3.12 and comparison of fig. 15.13 with fig. 3.14). 3) When the levels 
approach each other (fig. 3.14), strong Fermi resonance occurs. This can 
be seen clearly, for instance, in the case of the 0-0 distance, 2.6 A in fig. 
3.15, for the 0-0 transition 00-01, and the tunneling transition 00-10. This 
resonance effect and others are discussed in section 3.3. 

All these results are derived on the assumption that the potential well is 
stationary during several oscillations of the proton and during the 
transitions. This assumption can be invalidated-as stressed by Hofacker 
et al. (section 6.2.5)-by the finite lifetime of the H-bonds (section 15.6.2.1) 
or by rearrangement processes in the environment (sections 15.5.2 and 
15.5.4). The lifetime-mainly limited by structure difFusion-as well as the 
relaxation times of the rearrangement processes in the neighborhood of 
the bond are, however, usually at least one order of magnitude longer than 
the reciprocal of the proton motion frequency (see for instance chs. 19-21). 

In summary , we can state as the results of all these calculations: I) 
H-bonds with a double-minimum or a flat broad potential well are 
extremely easily polarizable. 2) The transition moments are relatively 
large compared with those of OH stretching vibrations in asymmetrical 
H-bonds. 3) The lowest level decreases with increasing field strength. 4) 
All levels shift depending on the 0-0 equilibrium distance. 5) The 
number of transitions is strongly increased by coupling with the 0-0 
translational vibrations. 

15.5. Interactions of the easily polarizable hydrogen bonds with their 
environment and reasons for the 1R continuum 

The large polarizability causes various interaction effects of these H- 
bonds with their environments. 
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15.5.1. Induced dipole interaction with ions and solvate 

MOLECULES 

The lowest level-which is occupied preferentially-is lowered with 
increasing field strength at the H-bond (figs. 15.13 and 3.14). This 
demonstrates that induced dipole interactions act between the polarizable 
H-bonds and the ions and dipole fields of the solvate and solvent 
molecules in the environment. The lowering shows that these induced 
dipole interactions are attractive forces (Zundel [1970]). 


15.5.2. Interactions and correlations between the polarizable 

HYDROGEN BONDS 

Furthermore, the polarizable H-bonds interact with one another. If they 
are charged they interact via induced dipole interaction and sometimes 
via proton dispersion forces, too. Cases in which the proton dispersion 
interaction between charged H-bonds is of importance besides the 
induced dipole interaction are discussed in section 5.4.7. If the polarizable 
H-bonds are not charged and largely symmetrical, proton dispersion 
forces will represent the main interaction between the bonds. 

The proton dispersion forces were first calculated by Wcidemann and 
Zundel [1967] by means of a perturbation calculation. The movement of 
the protons in the polarizable H-bonds is more or less strongly correlated. 
Just as the usual London dispersion forces occur due to a correlation of 
the movement of the neighboring molecules, the proton dispersion forces 
are caused by a correlation of the proton movements in neighboring 
polarizable H-bonds. Their extraordinary size is explained by the large 
polarizability. The proton dispersion forces are a special type of charge 
fluctuation force. General discussions of charge fluctuation forces are 
found in the publications by Jehle et al. [1958, 1965] and by Jehle 
[1963, 1969]. 

In the case of a pair of H-bonds, the following is obtained with the 
perturbation treatment for the shift of the lowest level by the proton 
dispersion forces: 


A E = hMl-^X+ip'lehisoXglRYl (15.4) 

p = dipole moment of a proton boundary structure, R = distance of the 
midpoints, e = dielectric constant, v 0 = tunneling frequency and g is a 
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factor by which the relative orientation of the H-bonds is taken into 
account. In figs. 5.3. 5.11 and 5.14 these energy level shifts caused by the 
interaction of two polarizable H-bonds as a function of their distance R 
or of g, respectively, are plotted. The lowest level falls, hence the proton 
dispersion forces are attractive forces. 

With the proton dispersion forces the mean charge distribution in the 
polarizable H-bonds is not changed. The forces are caused by a correla¬ 
tion of the proton motion. In contrast to this, the induced dipole 
interaction changes the mean charge distribution in both H-bonds, 
resulting in a correlation between the charge distributions. With charged 
H-bonds these forces compensate partially for the electrostatic repulsion 
(for details see sections 5.3 and 5.4.7). 

The dependence of these forces on the tunneling frequency was 
discussed by Zundel and Weidemann [1970]. The shift of the lowest 
level, a measure of these forces, is plotted as a function of tunneling 
frequency, */«„ in fig. 3 of the publication mentioned. With large u 0 , these 
forces become small since the polarizability decreases due to the increase 
of the distance of the two lowest levels. 

Towards smaller v 0 values, the proton dispersion forces become 
smaller in the frequency range of the reorientations of the solvent 
molecules, since then the dielectric constant c becomes larger. If, 
however, no medium with large € is between and near the H-bonds, the 
proton dispersion forces should not decrease with decreasing v n . The 
decrease of the proton dispersion forces in the range of the reorientation 
frequencies of the solvent is a complicated effect since v 0 decreases with 
increasing proton dispersion interaction as well as with increasing in¬ 
duced dipole interaction. This was shown by Weidemann and Zundel 
[1973]. The influence of the induced dipole interaction on the proton 
fluctuation can be seen directly in fig. 15.14. If with increasing field strength 
the second well is raised above the lowest level, the proton transfer in the 
potential well is strongly hindered. 

The induced dipole interaction which dominates with charged H-bonds 
in most cases (see section 5.4) depends on the tunneling frequency only in 
as far as the tunneling frequency determines the polarizability of the 
H-bonds, except in cases where the tunneling frequency is compara¬ 
ble with the rearrangement frequencies of the medium. In this region 
complicated coupling effects should be expected (for details on the 
interaction between polarizable H-bonds see ch. 5). 
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15.5.3. Coupling of the proton transitions with intf.rmolecular 

VIBRATIONS 

A further effect caused by the large polarizability is the coupling between 
the transitions in the polarizable H-bonds and other vibrations, especially 
the intermolecular ones. Here, we have to distinguish between coupling 
with the bond stretching vibration-already discussed in section 15.4-and 
coupling with other intermolecular vibrations, as, for instance, the tor¬ 
sional vibrations of the water molecules. 

The theoretical reasons for the latter type of coupling are discussed by 
Janoschek et al. [1972]. The consequence of this coupling can, however, 
be seen directly in the spectra. The intensity of the torsional vibration of 
water molecules decreases strongly with increasing acid and base con¬ 
centration (figs. 15.1.1 and 15.3.1). The same is true of the water band at 
2120 cm 1 which is assigned to a combination vibration in which a 
torsional vibration of water molecules participates. The torsional vibra¬ 
tion in methanol solutions at 655 cm ' disappears completely with increas¬ 
ing concentration of polarizable H-bonds (figs. 15.4.2 and 15.4.3). The 
band decreases, too, if the polarizable bonds arc formed between 
dissolved molecules as shown by Sessler and Zundel 11972a] (fig. 15.9.2). 
The decrease of these vibrations can easily be understood, since, caused 
by the coupling with the transitions in the polarizable H-bonds, these 
vibrations merge with the continuum. In reverse, this coupling effect is 
indicated by these decreases of the band intensities. 

15.5.4. The reasons for the IR continuum 

It is now obvious why a continuity of energy level differences is observed 
with solutions and other amorphous systems in which polarizable H- 
bonds are present. In section 15.2.1 it was shown that the structure 
diffusion cannot be the reason for the observed continuity of energy 
levels. 

This continuity is caused by various interaction effects of these H- 
bonds with their environment: I) The fields of the ions near the H-bonds 
amount to 10 A - 5 x I0 7 volt/cm and have a large distribution in amorphous 
systems. The same is true of the dipole fields of the solvate and solvent 
molecules. Hence eq. (15.1) in section 15.4 and figs. 15.13 and 15.14 and 
especially fig. 3.15 show that a continuity of energy level differences 
comes into being as a result of the induced dipole interaction. 2) An 
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induced dipole interaction occurs between charged H-bonds, too. Besides 
this interaction the mutual interaction via proton dispersion forces may 
also be of importance. The latter interaction is the main reason with 
neutral, i.e., non-charged H-bonds when they are largely symmetrical. 
These forces as well as the induced dipole interaction between H-bonds 
are dependent on the distance and mutual orientation of the H-bonds. In a 
liquid there is a large distribution of orientations and distances between 
the H-bonds. Thus these forces between the polarizable H-bonds are 
another reason for the continuity of energy level differences. This may be 
seen by considering eq. (15.1) in section 15.4 and eq. (15.4) in section 15.5.2 
and by considering the figures mentioned as well as figs. 5.11 and 5.14. 
3) Coupling with the bond stretching vibration increases the number of 
transitions (see section 15.4 and fig. 3.12). 4) The coupling with other 
intermodular vibrations, for instance with the torsional vibrations, 
induces additional shifts and transitions contributing to the continuum 
(see section 15.5.3). 5) Finally, in the amorphous systems, the equilibrium 
bond length of the polarizable H-bonds shows a large distribution. Figure 
15.14 and especially fig. 3.13 show that this distribution causes the 
structure of the continuum to become smeared more or less. 6) In section 
15.7.2.1 we shall see that an additional splitting of energy levels of the 
polarizable H-bonds occurs in more realistic systems due to the interac¬ 
tion with the environment. 

All these effects together are the reason why a continuous energy level 
distribution is observed with easily polarizable H-bonds in amorphous 
systems. In systems with charged easily polarizable H-bonds, induced 
dipole interactions are the main reason, whereas in systems with un¬ 
charged largely symmetrical H-bonds proton dispersion interactions are 
of importance. In reverse, these continua show that easily polarizable 
H-bonds are present. 

The large absorbance of these continua is explained by the large 
transition moments with polarizable H-bonds (section 15.4). Additional 
intensity is gained by the continuum due to coupling with other vibrations, 
for instance with the torsional vibrations of solvent molecules (see 
section 15.5.3). 

Additional effects influencing the intensity of the continuum are 
conceivable when the fluctuation frequency of the proton merges into the 
region of the reorientation frequencies of the environment. This must be 
considered in further investigations. 

Furthermore, in the Raman spectra , the very pronounced increase of 
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the absorbance near the excitation line (fig. 15.1.5) may be explained as 
follows: The polarizability caused by the proton in the H-bond becomes 
decisive for the intensity of the Raman scattering of vibrations with wave 
numbers smaller than those of the proton fluctuation (see section 3.2.3). 
Hence the great polarizabilities of H-bonds is probably one reason for the 
extremely large intensities of the scattering near the excitation line with 
these systems* (Pernoll et al. [1975]). 

Figure 15.16 shows spectra which are calculated by Hayd et al. [1976] 
using the transition moments computed for H^O; (Janoschek et al. 
[1973a]). With these calculations, the half-width of the bands used was as 
with water. Further, a field strength and an 0-0 equilibrium distribution 
were taken into account (for details on these calculations see Hayd et al. 
[1976]). The concentration and sample thickness used in the calculations 
are similar to those of the spectrum of the 5 N HCI solution in fig. 15.1.1. 
Comparing fig. 15.1.1 with fig. 15.16 (see also fig. 15.18) shows that the 
calculated spectra are quite similar to the observed ones, with respect to 



Wave number (cm" 1 ) 

Fig. 15.16. Calculated IR spectra of the OH and 0-0 stretching vibrations of the H-bond in 
H,0, (transition moments taken from Janoschek et al. [1973]). concentration 5 N. layer 

thickness 10 #z, temperature 290 K. Medium field strength: - 2.5 x 10' 1 V/cm. 

.5x 10* V/cm,-7.5 x l0 6 V/cm. 

* Other reasons for large Raman scattering near the excitation line are relaxation processes, 
especially dielectric relaxation processes. This was concluded, since the broadening of the 
excitation line changes with aqueous salt solutions, dependent on the salt present < Pernoll et al. 
[1975]). This scattering is less intense with D.O than with H..O (Pernoll et al. (1976)). 
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the absorbance as well as to the wave number dependence. With this 
comparison it has to be kept in mind that the strong bands of the water 
molecules are superimposed on the continuum as discussed in the 
following section. This is particularly important since this calculation only 
takes the induced dipole interactions and the effects 3) and 5 ) into 
account. Larger deviations of the calculated theoretical spectra are 
observed at large wave numbers where the absorbance obtained is too 
large. This can be understood since the energy surface is not very 
accurate in the region of the higher levels. Furthermore, the low wave 
number maximum is shifted a little to smaller wave numbers in the 
calculated spectra (see also sections 15.6.1 and 15.6.6). 

The agreement of the calculated theoretical and the experimental data 
demonstrates very impressively the correctness of the above concept. 


15.6. Experimental results concerning the dependence of the interactions on 
the nature of the polarizable hydrogen bonds and on their environment 

15.6.1. Dependence of the absorbance of the continua with “sym¬ 
metrical* POLARIZABLE HYDROGEN BONDS ON WAVE NUMBER 

Let us consider first the spectra of the HCI solutions in fig. 15.1.1. 
Superposed on the continuum is the intense band of the stretching 
vibrations of water molecules (maximum in pure water at 30°C at 
3420 cm '), the scissor vibration of the water molecules (maximum in pure 
water at 30°C at 1645 cm' 1 ), and the broad band of the torsional vibration 
(maximum in pure water at 30°C at 705 cm"'). The latter band shifts 
considerably to smaller wave numbers and decreases in intensity with 
increasing HCI concentration. 

Keeping the bands superposed on the continuum in mind, the following 
results are obtained: I ) The continuum begins, with the HCI solutions, in 
the region of the stretching vibrations of the water molecules 
(3500-3300 cm ') and extends to smaller wave numbers over the whole 
range investigated. 2) The continuum is less intense in the region below 
the torsional vibration of the H 2 0 molecules (<400 cm"'). 3) In highly 
concentrated solutions, the continuum shows a structure. Broad band¬ 
like, more intense regions are observed around 3000, 1700 and 1200 cm' 1 . 

Roughly the same wave number dependence is shown by the spectra 
calculated for H s OJ in fig. 15.16. The structure of the continuum (result 3), 
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however, is not caused by single transitions. Figures 3.13 and 3.15 show 
that several transitions are responsible for every band-like maximum. 

The decrease in intensity at small wave numbers (result 2) can easily be 
understood-the fields of the ions and the dipole fields of the solvate 
molecules polarize the H-bonds in the solutions to such a degree that they 
become somewhat asymmetrical (see model calculation in section 15.7.2.1. 
Thus, all transitions at low wave numbers shift slightly to higher wave 
numbers. The continuum is therefore less intense in the low wave number 

range. 

Further, fig. 15.16 shows that the low wave number slope of the 
continuum shifts a little to larger wave numbers when the local fields in a 
solution become stronger, since the H-bonds become more strongly 
polarized. The low wave number transitions vanish with increasing 
asymmetry of the potential wells (see figs. 15.14 and 3.15). This effect is 
observed very markedly in the methanol solutions, especially with base 
solutions (fig. 15.4.3). With increasing concentration, the low wave 
number slope shifts strongly to larger wave numbers, since with increas¬ 
ing concentration the local fields in a solution become stronger (see also 
sections 15.6.4 and 15.6.5). The local environment around the polarizable 
H-bonds becomes more asymmetrical. With aqueous solutions, however, 
this effect is masked by the torsional vibration of the water molecules. 

The wave number dependence of the absorbance of the continuum can, 
nonetheless, be quite different, compared with the aqueous HC1 solutions. 
Examples of this are the water-free acid solutions in DMSO (fig. 15.4.1). 
In this case the absorbance of the continuum is much stronger in the 
region below 1600 cm 1 than in the region at larger wave numbers. With 
the polarizable (0H-- 0) bonds between the carboxylate ions or 
chlorophenole molecules in acetonitrile investigated by Pawlak and 
Sobczyk [1973] and by Pawlak [1973a], no continuum is observed at 
larger wave numbers. The continuum begins at 1500 cm 1 and extends 
towards smaller wave numbers (figs. 15.6.1 and 2)*. In the light of figs. 
15.14 and 3.15, it seems probable that continua of this type are caused by 
relatively short H-bonds with broad potential wells without a barrier, 
since with these H-bonds the transitions occur preferentially at lower 


* In contrast to this case, a broad band at about 3100 cm 1 is observed with carboxylic acid 
dimers, which are connected by two H-bonds. The reason for this different behavior is the 
strong mutual polarization of the two H-bonds. Thus during absorption a simultaneous proton 
transfer in both bonds becomes highly improbable. 
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wave numbers (see also section 18.2.4). The polarizability of these 
H-bonds is already smaller than that of the H-bonds with a barrier in the 
potential well. 

When a relatively narrow “symmetricar single-minimum potential is 
present instead of a broad flat potential the polarizability is smaller still. 
Instead of the continuum, a broad band is observed at about 1500 cm 1 as, 
for instance, with the HF 2 ion (Salthouse and Waddington [1968]). 

The number of systems investigated is still not large enough for 
conclusive discussion of the connection between the wave number 
dependence and the potential well. Since the shape of the potential well 
with polarizable H-bonds depends not only on the acceptors, but also 
strongly on the medium around the H-bonds, both should be varied 
systematically in future investigations. 

15.6.2. The nature of acceptors and media and the shape of 
THE POTENTIAL WELLS 

The acceptor. The question now arises as to how the shape of the 
potential well is determined by the acceptors B. 

One expects that the pK. of the acceptors is of great significance, since 
increasing pK. indicates that the affinity between the acceptor B and H* is 
larger. The more both acceptors in (BH--B)* bonds retain the proton, 
the broader and higher the barrier between the two minima should 
become. This is, however, only true of H-bonds with a relatively great 
B-B distance, as, for instance, the (NH---N)’ bonds in the series of 
N-bases dissolved in water (section 15.3.2) which are discussed in section 
15.6.2.1. 

This is no longer valid for short H-bonds the acceptors of which are 
O-atoms, as is shown by the results in the preceding paragraph. In the 
series H 5 O 2 , (DMSO) 2 H‘, carboxylic acid-carboxylate ion, the wave 
number dependence of the continuum indicates that the tendency for 
double-minima potential wells to form decreases in favor of broad flat 
minima. The opposite should be true with regard to the pK a values 
(protonated H 2 O<^0, DMSO 0,91, carboxylic acids < 1). Hence with 
H-bonds having relatively short B-B distances, the above-mentioned 
consideration of the pK a supplies false results. 

The varying manner in which different acceptor groups having the same 
pK a determine the potential well becomes particularly clear by consider¬ 
ing the more or less asymmetrical H-bonds between different carboxylic 
acids and N-bases, respectively. These OH---N or 0---HN bonds are 
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largely symmetrical when the pK a of the acid is much smaller than that of 
the base (Gusakova et al. [1970], Lindemann and Zundel [1972]) and 
dielectric measurements by Ratajczak and Sobczyk [1969] (see also ch. 
20). This result shows that, if the pK. of the carboxylic acid and the 
N-base is the same, the potential well at the carboxylic acid group is 
lower. Hence, with regard to this different behavior of carboxylic acid 
groups and N-bases, completely different potential wells in the “symmet- 
ricar (BH---B)" (carboxyl-carboxylate) and (BH---B)* (protonated N- 
base-N-base) H-bonds should be expected. 

In general, the tendency to form shorter and thus stronger (BH • • • B)* 
or (BH • • • B)~ bonds should increase with regard to the electro¬ 
negativity in the order N, O, F. As far as the potential wells are 
concerned, this means that they change from double-minimum potential 
wells to broad flat single minima. 

The medium. With regard to the results in this chapter, especially those 
in sections 15.5 and 15.7.2.1, the potential wells in the same easily 
polarizable H-bonds should be different when the medium surrounding 
these H-bonds is not the same. This is also demonstrated by the results 
with H-bonds between carboxylic acids and N-bases. These H-bonds 
become largely symmetrical in water-free systems when the difference 
between the pK a of acid and base is 4,. and with aqueous solutions or in 
the presence of excess acid when this difference is only 2. This can be 
understood since, when the carbonyl O-atom of the -COOH group is 
involved in a H-bond, the potential well for the proton at the -COOH 
group is raised (see fig. 20.12), (Lindemann and Zundel [1972], see also 
section 20.1.5). This example shows how the potential well changes when 
the environment of the H-bond is not the same. 

The influence of the medium can, however, be of two kinds. Firstly, it 
can be direct. The potential wells become changed due to the interaction 
with the medium, as discussed in the preceding example. Secondly, it can 
be indirect, when the equilibrium which determines the formation of the 
polarizable H-bonds is shifted depending on the medium. With increasing 
amounts of water the dissociation (formation of H 5 OJ) occurs at the expense 
of OH • • • N bonds. Vinogradov et al. [1970] studied in detail the formation 
and dissociation of proton transfer complexes, especially independence on 
the polarity of the medium. 

In summary we can state : In the case of the relatively long (NH • • • N)' 
bonds between N-bases, increasing pK a of the acceptors is probably 
connected with a larger barrier in the potential well. This relation is no 
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longer valid for shorter H-bonds, i.e., the discussed (OH - O)* bonds. 
The same easily polarizable H-bonds may show a completely different 
behavior when they are surrounded by different environments. For final 
and more detailed discussions of the role of acceptors and media for the 
shape of potential wells in the polarizable H-bonds many more investiga¬ 
tions with different acceptors, and especially with the same polarizable 
H-bonds in different media, are necessary. 

15.6.2.1. Dependence on the barrier in the double minimum 

In section 15.3.2 it was shown that the polarizable (BH-B)* bonds 
between dissolved N-base molecules in aqueous medium cause continua 
only if their acceptor groups B have pK„ values (protonated species) 
smaller than about 8.5 (Sessler and Zundel 11972a]). In contrast to this 
result in section 15.3.3, it was shown that polarizable (BH---B) 4 bonds 
between adsorbed N-base molecules cause intense continua even if their 
acceptor group is nearly 12 (table 15.2) (Noller et al. (1972)). 

In the preceding paragraph it was pointed out that with increasing pK„ 
of the acceptor the barrier in the double minimum probably becomes 
larger, i.e., the tunneling frequency decreases. The continuum can, 
however, no longer be observed when the lifetime of the (BH - B) 4 
bonds is smaller than the reciprocal of the tunneling frequency, since the 
H-bonds can then no longer be polarized. Hence in the case of substances 
with pK„ larger than about 8.5, the barrier in the (NH • • • N) 4 bonds is so 
large that the bonds cannot be polarized within their lifetime. At the 
surfaces, the lifetimes of the (NH---N)* bonds may be longer and 
therefore the continuum caused by the polarizable H-bonds is also 
observed if the pK a , and thus the barrier in the potential well, is very 
large, as is the case with amines. 

15.6.3. “Symmetrical” and asymmetrical polarizable hydrogen 
bonds 

We saw in sections 15.2 and 15.3 that polarizable H-bonds of type 
(BH---B) 4 or (BH---B) , which are symmetrical when isolated from 
their environment, cause continua beginning in the region 3400-1500 cm' 1 
and extending to smaller wave numbers. In contrast to this result, 
asymmetrical polarizable H-bonds generally cause continua which extend 
only over narrower wave number regions (see section 15.3.4). The 
continuum with the N-base-water H-bonds is only observed in the range 
3000-1700 cm"' (fig. 15.11.1). With the protonated N-bases in water the 
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NH stretching vibration band of the NH* • • • OH, bonds-usually observed 
as a broad band in the range 3000-2000 cm"-merges into the continuum 
in the case of N-bases with pK-< 1. Thus in these systems the NH •••O 
bond becomes symmetrical enough to be polarizable. With serine phos¬ 
phoric acid P-methylester, continuous absorption below 1000 cm 
is observed in addition* (fig. 15.11.2). The absorbance with the 
Cl'DPSO • • • HC1 system shows a band-like structure at 2400 cm and 
extends only up to about 1650 cm", whereas the continua with the 
Tppo HC1 and TOPO HC1 systems extend up to about 700 cm". In the 
first system, a band-like structure is observed at 2200 cm '. In contrast to 
these systems, the NO,HOOCCCh H-bonds cause a continuum in the 
region below 1500 cm (Koll et al. [1972]). 

The behavior of the asymmetrical polarizable H-bonds is understanda¬ 
ble. since the energy surfaces in asymmetrical polarizable (B,H • • • B,)* or 
(BiH • • • B 2 )“ H-bonds correspond to surfaces which occur with * symmet¬ 
rical" H-bonds with double minima in the presence of strong fields. It is 
seen from fig. 15.14 and in particular fig. 3.15 that with strong fields, and 
hence with the asymmetrical H-bonds, transitions occur only in a 
narrower wave number region. The polarizability of these H-bonds has 
decreased markedly (fig. 15.15.1), but is obviously still large enough to 
cause interactions with the environment which are sufficient to shift the 
energy levels to such a degree that continua are observed instead of 
bands. 

In the case of relatively large Bi • • • B, distances (2.8 A in figs. 15.14 and 
3.15) with asymmetrical H-bonds, only transitions in the range 
3000-1600 cm 1 are present, as, for instance, observed with the N-base 
water systems. If the H-bonds become still more asymmetrical, the 
polarizability decreases again, and the usual broad bands caused by the 
H-bonds are observed in the region above 2500 cm 1 instead of the 
continuum. 

In the case of relatively short B, • B, distances continuous absorption 
with asymmetrical H-bonds should be observed below 1500 cm", prefe¬ 
rentially caused by the 00-10 transition (2.5 A in fig. 3.15). This is the type 
of continuum observed with the NQ7HOOCCC1, system. 


* The additional continuous absorption below 1000 cm ' observed with the serine phos¬ 
phoric acid P-methylester may be caused by the intermolecular vibrations, especially the 
torsional vibrations of the solvent molecules coupling with the transitions causing the 
continuum at larger wave numbers, section 15.5.3. 
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All intermediate types should be possible between these types of 
continua with asymmetrical polarizable H-bonds. Examples are the 
CChDPSO, TPPO and TOPO systems. 

15.6.3.1. Sensitivity of continuum and of polarizability with respect to 
the degree of asymmetry of the (B.H - B?) hydrogen bonds 

The question now arises as to how sensitively the appearance of the 
continuum depends on the degree of asymmetry of the (B.H-’B?) 
H-bonds. Figures 15.14 and 15.15.1 show that with the rise of the second 
well, the polarizability decreases considerably, but still remains relatively 
large compared with the usual polarizabilities of electron systems if the 
asymmetry is not too great. Therefore, one would expect that the 
appearance of the continuum does not depend too strongly on the 
symmetry. The same is suggested by dielectric measurements (Ratajczak 
and Sobczyk [1969, 1970] see figs. 20.2-4), since the ApK. region in which 
proton transfer proceeds is relatively large. 

This is indeed the case with the following systems which have been 
investigated: In section 15.3.4 it is shown that the continuum in the range 
3000-1700 cm ', caused by N --HOH bonds, is observed with lysidine 
(pK. 11.5), but also with the piperidine (pK a 11.12) and n-propylamine 
(pK» 10.7) system. Hence the difference between the pK„ of the dissolved 
substance and water (ApK.) can vary considerably. The occurrence of the 
continuum is thus not very dependent on the degree of asymmetry. This is 
especially remarkable since the polarizable H-bond in the lysidine system 
is probably already largely asymmetrical, this with respect to the ApK„ 4.3 
water-lysidine (see also Sessler and Zundel [1972a]). The same is true of 
the (N~ • • • HOH) bonds in section 15.3.4 (Schioberg and Zundel [1973]). 

However, there are other systems whereby the appearance of the 
continuum with asymmetrical H-bonds seems to depend very strongly on 
the degree of asymmetry, but a closer consideration shows otherwise. 

Firstly, in the case of the molecules having various pK. values adsorbed on silica gel (fig. 
15.10) with all systems a strong band is observed caused by SiOH • • • N bonds in addition to 
the continuum caused by (NH---N)* bonds between adsorbed molecules (see section 
15.3.3). Since the SiOH---N bonds always cause a band of a stretching vibration, the 
conclusion must be drawn that the proton in these H-bonds has no continuers energy level 
distribution for all the adsorbed substances over the whole pK, range. However, it is not 
necessary to conclude from the above that the polarizability of the SiOH---N bonds never 
becomes large even when a proton transfer occurs. The SiOH groups have a large energetic 
distribution (Cruz et al. [1972]), i.e., a large distribution of their donor strength. Hence 
proton transfer to the adsorbed molecules proceeds only in some SiOH---N bonds. 
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Assuming .ha. .he pro.ona.cd adsorbed molecule forms a (NH-N)* bond wMh ano.her 
adsorbed molecule immediately after .he acceptance of the proton, .he concentration of the 
.rizahle SiOH • • • N bonds becomes small and cannot be observed. Hence one cannot 
conclude from the observation of the stretching vibration band that the polarizability of the 
c;oH • • • N bond depends very sensitively on the degree of asymmetry. 

Similar behavior was observed on investigating pure carboxylic acid-N-base systems 
(Lindcmann and Zundel (1972)). The systems investigated covered a very large range of 
\nK acid-base. The following was observed: /) All systems showed whether the band trio 
in the range 3000-1500 cm \ discussed in detail by Hadzi [1965), and by Hadzi and 
Kobilarov (1966) section 12.2.5 and recently by Hofacker et a)., section 6.7.2. or, for the case 
of a proton transfer to base, two broad bands occurred. 2 ) In addition to the bands 
mentioned, a continuum is observed in most of the systems investigated. In similar systems, 
a continuum was observed earlier by De Tar de Los and Novak (1968. 1970). 

With respect to the sensitivity to the degree of asymmetry, the most surprising result was 
that also with systems in which proton transfer proceeds partially, i.c.. in systems in which the 
OH---N bond must be largely symmetrical, the band trio as well as the continuum is 
observed. It was concluded in the paper by Lindcmann and Zundel [ 1972) that the bands occur 
with all systems having the OH -N bond, whilst the continuum is caused by (NH---N)' 
bonds resulting from the reaction. 

2(AH’”B)s=i A H' ,,, A‘ + (BH ,,, B)'. 


Similar equilibria with similar substances were postulated by Szafran and Dega-Szafran 
(1970) and Szafran et al. [1971). An objection to this explanation raised by Sobczyk [1972) 
was that the (BH - B)‘ bonds should have been observed in dielectric measurements he 
carried out. Later. Hadii [1973) suggested that the OH ■ • • N bonds may cause both the band 
trio and the continuum, whereby the band trio could be a structure of the continuum due to a 
coupling of the proton stretching vibrations with the overtones of the bending vibrations. 
With the latter explanation, the problem of the sensitivity of the polarizability and hence of 
the continuum to the degree of asymmetry does not arise. 

Hence, with the adsorbed molecules as well as with the N-base 
carboxylic acid systems, explanations can be given dispensing with the 
conclusions that the H-bonds need not be easily polarizable, even when 
nearly symmetrical. 

When, however, in this or other systems with (B,H - B 2 ) bonds, 
H-bonds in a ApK. region in which proton transfer can proceed, are not 
easily polarizable then the explanation could be the following: Starting 
from systems with the well at the donor passing to systems with the well 
at the acceptor, two possibilities with respect to the changes of the 
potential curves are conceivable. Firstly, when the H-bonds become 
largely symmetrical during this transition, a double-minimum or a flat 
broad potential well is present (see fig. 20.6). In this case, the polarizabil¬ 
ity would not be very sensitive to the degree of asymmetry. Secondly, the 
minimum of the well can, however, also shift from the donor to the 
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acceptor, whereby, in the symmetrical case, a relatively narrow symmet¬ 
rical single minimum is present. In this case the H-bonds do not become 
polarizable and no continuum would be observed. 

15.6.4. Dependence of the absorbance of the continuum on the 
CONCENTRATION OF THE POLARIZABLE HYDROGEN BONDS 

With aqueous HC1 (fig. 15.17.1) and aqueous base (fig. 15.17.2) solutions at 
low concentrations, the absorbance of the continuum increases in propor¬ 
tion to the concentration of polarizable H-bonds. 

In some cases of aqueous acid solutions with which extreme concentra¬ 
tions can be investigated, a maximum of the absorbance is observed when 
only one water molecule/acid molecule is present (fig. 15.19.5). This 
maximum has the following reason: With increasing concentration in¬ 
stead of the H-bond in the H<OJ groups, easily polarizable H-bonds 
between the acid groups and water molecules are present (section 15 . 3 . 4 ). 
When one water molecule/acid molecule is no longer present, the 
concentration of such H-bonds and hence the absorbance of the con¬ 
tinuum decreases. 

The reason for the decrease of the slope of the curves illustrating the 
absorbance of the continuum with increasing concentration (figs. 15 . 17.1 
and 2) cannot, however, be caused by a change of the dissociation 
equilibrium, since with these strong acids and bases at these concentra¬ 
tions H* or OH is always present in H,OJ or H,0 2 " groupings, respec¬ 
tively (section 15.7.1). 

The decrease of the absorbance/H-bond with increasing concentration 
can be understood as follows: With increasing concentration the local 
environments of the polarizable H-bonds become more and more asym¬ 
metrical, i.e., the “local” fields at the H-bonds become stronger. The 
calculated spectra (fig. 15.16) show a corresponding decrease of the 
intensity when the medium field strength at the H-bonds rises. Hence, the 
increase of the “local” fields at the polarizable H-bonds is indicated by 
the decrease of the absorbance/polarizable H-bond. 

The decrease of the slope of the curves is more pronounced at 
1800 cm '. This can easily be understood with this explanation, since, as 
seen in fig. 15.14 and especially in fig. 3.15, if the H-bonds become more 
and more polarized and hence asymmetrical, the low wave number 
transitions shift to larger wave numbers and thus the intensity at lower 
wave numbers should decrease more strongly. 

This explanation of the decrease of the absorbance/H-bond with 
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Fig. 15.17. Absorbance of IR continua: 

(1) Aqueous HCI solution dependent on mole HCI/1 (at 28°C). Layer thickness 13.6^ (the 
absorbance of the continuum is corrected as described in the publication by Schioberg and 
Zundel (1974)). 

(2) Aqueous base solutions dependent on mole base/I (at 28°C). Layer thickness 10 /x 
(correction of the absorbance as in fig. 15.17.1). 

(3) The absorbance of the continuum with polystyrene sulfonic acid membranes containing 
both H' and Na* ions as a function of the concentration of polarizable H-bonds (FLO;)*, 
membrane thickness about 5/x. temperature 25°C. 

(4) Aqueous HCI solutions, concentration 1 mole/l and 5 molc/l. dependent on mole neutral 
salt/1 HCI solution (at 28°C). Layer thickness 13.6 ft (correction of the absorbance as in 

fig. 17.1). 

increasing concentration is confirmed by the following results: Firstly, on 
adding neutral salt to acid and base solutions the absorbance decreases, 
too (section 15.6.5). Secondly, fig. 15.17.2 demonstrates that the absor¬ 
bance of the continuum is less, the smaller the radius of the cation of the 
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base, i.e., the stronger the cation fields. As already demonstrated, the 
absorptivity coefficient of the polarizable H-bonds decreases when the 
fields at the H-bonds increase. 

The decrease of the absorbance/polarizable H-bond with increasing 
concentration, especially at smaller wave numbers, is more pronounced 
with the base solutions than with the acid solutions (different scales and 
layer thickness). The reason for this may not only be the different nature 
of the H-bonds, but especially the fact that the cations can approach the 
polarizable H-bond in H,OJ more closely than the anions can approach 
that in H 5 OJ (for details see Schioberg and Zundel [1973, 1975bJ). 


ci; 


> < 


K*p- 

H' 


H*Q 


With polystyrene sulfonic acid the absorbance of the continuum shows 
a marked saturation effect (fig. 15.17.3) (Zundel and Metzger [1967] and 
Zundel [1969a] pp. 187ff. and 213). This effect can probably be explained 
as follows: The dielectric constant of the polymer network is small in 
contrast to that of aqueous HCI solutions. Hence, the interactions in the 
polyelectrolytes have a longer range and this is probably the reason for 
the effect. 

In general, it is expected that intensity effects, especially wave number 
and concentration dependence, contain much information (see sections 
15.6.1, 15.6.3 and 15.6.5). 


15.6.5. Influence of neutral salt on the polarizable 
HYDROGEN BONDS IN ACID AND BASE SOLUTIONS 

Fundamental changes in the behavior of the excess proton in acid 
solutions on the addition of neutral salt were observed in several 
investigations. /) Schwabe [1964, 1967, 1969, 1972] and Kalman and Allies 
[1970] have shown that the activity of excess protons in aqueous media 
increases strongly on the addition of neutral salt. 2) Neutral salt reduces 
excess proton conductivity as was first investigated by Suhrmann and 
Wiedersich [1953], later by Kalman [1971a, 1971b, 1972] (for summary see 
Schwabe [1972]) (this effect is discussed in section 15.8.1). 3) Trautmann 
and Ambard [1956] studied the H‘ catalyzed hydrolysis of saccharose. 
They found that the catalytic activity becomes stronger on adding neutral 
salt. This effect increases in the series KC1, NaCl, LiCl. 

In order to learn more about the molecular processes connected with 
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these effects, the influence of neutral salts on the IR continuum of 
aqueous HC1 solutions was studied (Schioberg and Zundel 11975b]). The 
absorbance of the continuum, resulting on the addition of the neutral salt 
concentration, is plotted in fig. 15.17.4 for the wave number value 
1500 cm". Figure 15.17.4 shows: /) The absorbance of the continuum 
decreases in proportion to the addition of neutral salt. 2) This decrease is 
all the more pronounced, the smaller the radius of the neutral salt cations, 
i.e., the stronger the fields in their environment. 3) The decrease of the 
absorbance of the continuum caused by the neutral salt cations is 
proportional to the HCI concentration. 4) Analogous effects are observed 
on the addition of neutral salt to base solutions (Schioberg and Zundel 
[1975b]). 

The calculated spectra show a corresponding decrease of the intensity 
when the medium field strength at the polarizable H-bonds rises (fig. 
15.16). Hence the decrease of the continuum with increasing neutral salt 
concentration can be explained by the plausible supposition that the 
polarizable H-bonds of the H<OC groups become polarized more strongly 
by the local fields in the solutions. The local fields cause a rise of the 
lingering time of the excess charge at one side of the H<0 : ‘ grouping 
within the hydrate structure network. They favor the trapping of the 
excess charge discussed in the model in sections 15.7.2.1 and 5.4. 

The above-mentioned authors discussed changes in the hydrate as well 
as in the water structure as reasons for the observed neutral salt effects. 
These changes are of course very important. But another reason for these 
effects could be the polarization of the H-bonds of the H9O2 by the local 
fields, i.e., an increased induced dipole interaction of the H 5 O 2 with its 
environment. Obviously the increased localization of the excess protons 
in the H-bonds results in a larger activity. It seems probable that the one 
or the other effect could be of greater importance from system to system. 
Of course the two effects are not independent of one another. 

15.6.6. Temperature dependence of the continuum 

In section 15.2.1 it was shown that the continuum with polystyrene 
sulfonic acid is almost completely independent of temperature in the 
range 293-85 K (fig. 15.1.4). The same is true of aqueous HCI solutions in 
the temperature range 25-90°C, as shown in fig. 15.18.1 (Schioberg and 
Zundel [1975c]). Hence this insensitivity to temperature is a general 
feature of the continuum resulting from polarizable H-bonds. 

Figure 15.18.2 shows the temperature dependence of calculated 



746 


GEORG ZUNDEL 




Wave number (cm -1 ) 


Fig. 15.18. IR spectra: 

(1) Aqueous HClsolutions(5moie/l), layer thickness 12.5 /x.-at293 K,-at363 K. 

(2) Calculated IR spectra of the OH and 0-0 stretching vibrations of the H-bond in H,OJ 

(transition moments taken from Janoschek et al. [19731). Concentration 10 N. layer thickness 
10 n, medium field strength 5 x 10* V/cm,-for 85 K, for 290 K,-for 363 K. 

spectra. These spectra were obtained in the same manner as the spectra in 
fig. 15.16. The calculated spectra show this temperature insensitivity in 
very impressive agreement with the experiment. The reasons for this 
insensitivity can be understood in the light of the figs. 3.13 and 3.15. The 
calculated transitions of the H 5 Oj illustrated there are more or less 
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temperature-dependent, since the population of the ground states de¬ 
creases with rising temperature. The population of the excited states, 
however, increases to the same extent. This naturally applies only up to 
temperatures at which the population of the excited states still increases. 
Hence, if a transition decreases with increasing temperature, another 
transition in the neighborhood of this transition increases in intensity as 
the temperature rises. Thus decrease and increase compensate for one 
another, whereby the continuum becomes largely insensitive to tempera- 

ture. 


15.6.7. Polarizable hydrogen bonds within crystals 

A necessary supposition for the occurrence of the continuum is a large 
statistical distribution of the field strength at the polarizable H-bonds 
(induced dipole interaction) and/or a statistical distribution of the dis¬ 
tances and orientations between the polarizable H-bonds (proton disper¬ 
sion forces). Both conditions are fulfilled in amorphous systems, espe¬ 
cially in liquids. In contrast, in crystals containing polarizable H-bonds, 
one and the same crystal field is present at these H-bonds, and these 
H-bonds have the same distances and orientations to one another. The 
crystal field in one type of crystal therefore polarizes the same polarizable 
H-bond in the same manner. With all these H-bonds, almost the same 
potential well is present. Instead of the continuum discrete but usually 
very broad bands are observed (see chs. 12 and 14). In the case of H 5 O 2 , 
for instance, these bands were studied by numerous authors (Gillard and 
Wilkinson [1964], Chemouni et al. [1970], Pavia and Gigufcre [1970], 
Eriksson and Lindgren [1972] and Gilbert and Sheppard [1973], see also 
section 14.4). 

When, however, the same polarizable H-bond is present in another type 
of crystal, the crystal field polarizes this H-bond in a different manner. 
Thus a polarizable H-bond shows in the same crystalline environment, the 
same, and in different environments, different potential wells (see also 
section 8 . 8 ). In every case, however, instead of a continuum, bands are 
observed with crystals containing polarizable H-bonds which in the 
amorphous system cause the continuum. 


Of great interest in this connection are diffraction results obtained with crystals containing 
H,0^ (see Williams and Peterson [19711 and especially ch. 10 and section 14.4). Five 
structures have so far been studied by means of neutrons and in three of these a symmetry 
element is present in the middle of the O • • • O bond. As discussed in sections 8.8 and 10.4.2, 
it is, however, impossible to decide from diffraction methods alone whether or not the 
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H-atom is precisely on the symmetry element or is distributed between two closely spaced 
positions around the center. In the remaining two structures there is no symmetry in the 
short O • • • O bond and the protons are shifted 0.06 and 0.09 A. respectively from the middle 
of the bond. 

The same is true of the negatively charged (FH - F) . These H-bonds may become 
asymmetrical due to the crystal fields, as shown by neutron diffraction measurements 
(Williams and Schneemeyer [ 1973J). 

The polarizability of H-bonds and their interaction with the environ¬ 
ment is of great importance with ferroelectric substances containing 
H-bonds since all couplings mediated via electrical fields become strong 
due to the large polarizability of the H-bonds. With respect to the more 
regular arrangement of H-bonds in these crystalline systems, however, in 
addition to the interactions discussed, cooperative effects and phonon 
interactions are of major importance (see sections 6.3.2, 18.2.2, 23.3.2-5 
and 24.3). 


15.6.8. Polarizable hydrogen bonds and hydration 

In section 15.3.4 we saw in the case of phosphoric acid, for instance, that 
the H-bonds formed between the OH groups of the acid and water can be 
easily polarizable. Polarizable H-bonds are also formed between groups 
with a large pK. and water. This was, for instance, true in the case of the 
H-bonds lysidine(pK. 11.5)-water. Hence, in these systems hydration 
shells with polarizable H-bonds are formed. 

15.6.8.1. Polarization of hydrogen bonds of hydration water molecules 
by ion fields and hydrolysis 

Whereas in the preceding sections we discussed polarizable H-bonds 
which were “symmetrical” and became asymmetrical due to polarization 
caused by the environment, we shall now discuss asymmetrical H-bonds 
which become more symmetrical, and thus more polarizable, due to 
influences of the environment (Zundel and Weidemann [1973]). 

During IR spectroscopic investigations of polyelectrolytes it was 
observed that, at low hydration degrees, the band of the OH stretching 
vibration of the hydration water molecules shifts to smaller wave 
numbers as the cation field increases. The stronger the field of the cations 
present, the greater is the shift, whereby this shift does not only increase 
proportionally to the field. The maximum shift amounts to 250 cm" 1 
(Zundel and Murr [1967] and Zundel [1969a] p. 69ff.). At low degrees of 
hydration the hydration water molecules turn their lone electron pairs to 
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the cations and are bound preferentially to the anions via H-bonds. 
Mookerii and Tandon [1965] obtained a similar result with UV spectros¬ 
copic investigations. The OH bonds of the water molecules are stretched 
and loosened, on the one hand because the H-nuclei of the water 
molecules are repelled by the cation, and on the other hand because the 
bonding electrons are slightly removed from the OH bonds by the cation 
field Hence the H-atoms of the OH groups of the water become 
increasingly positively charged as the field increases, i.e., the donor 
property increases*. The H-bonds become stronger. The OH stretching 
vibration band shifts towards smaller wave numbers. With cations having 
very strong fields, one of the H-nuclei may transfer in the H-bond as a 
boundary case of the stretching of the OH bonds. Protolytic splitting of 
H 2 0 molecules, i.e., hydrolysis is the case (Zundel [1969a] p. 11 Iff.). In 
good agreement with this, Fong and Grunwald [1969] demonstrated 
through NMR investigations of aqueous solutions containing Al(OH 2 )r 
that the transfer of one proton of the inner hydration shell to a water 
molecule of the environment is decisive for the hydrolysis. The kinetics 
of this proton transfer were studied by Katsman et al. [1972] and 
Vargaftik et al. [1972] with hydrated transition element ions. 

With respect to the polarizability of these H-bonds the following is the 
case: With increasing cation field the anharmonicity of the single¬ 
minimum potential well in the 0H --0 bond increases and a double 
minimum comes into being, which becomes more and more symmetrical. 
With very strong fields the potential is symmetrical to such a degree that 
the proton can transfer in the H-bond, i.e., hydrolysis proceeds. Figures 
15.14 and 15.15.1 together show how the polarizability increases when the 
0H --0 bonds become more symmetrical due to the cation fields. The 
polarizability increases not only proportionally to the field. 

As the hydration degree increases, these shifts of the OH stretching 
vibration band of the water molecules caused by the cation field decrease 
rapidly (Zundel [1969a] p. 99ff. and Zundel and Murr [1969]). Further¬ 
more, it is generally known that no essential shift of the stretching 
vibration band of water molecules by cations is observed in dilute 
electrolyte solutions (for references see Zundel [1969a] p. 64). The rapid 
decrease in the band shift as the hydration degree increases can be 
explained by the fact that several water molecules are added between the 
cation and the neighboring anions. Hence, as the degree of hydration 


* With regard to the geometry of hydration water see section 8.9. 



750 


GEORG ZUNDEt 


increases the field of the cations is spread over several water molecules. 
The H-bond donor property is less strongly increased and thus the OH 
stretching vibration band is not shifted as strongly to smaller wave 
numbers. Since the cation field is spread over several H-bonds, the 
increase in the polarizability of the OH - O bonds by the cation field 
decreases strongly as the degree of hydration rises. 

15.6.9. Broadening of IR bands and polarizability of 

ASYMMETRICAL HYDROGEN BONDS 

On the formation of strong H-bonds with asymmetrical single-minimum 
potential wells, the stretching vibration of the donor group broadens 
strongly. The potential well at the donor group is widened and bent 
upward. Hence, the contribution of the proton to the polarizability is 
increased on H-bond formation. 

While the large polarizability of the H-bonds with a double minimum 
causes the IR continuum in solutions, the much smaller polarizabilities of 
H-bonds with a single minimum are probably the cause of forces between 
these H-bonds and the environment leading to band broadening. The 
general problem of band width is discussed by Hofacker et al. in section 
6.2, by Hadii in sections 12.2.5 and 6 and by Sandorfy in section 13.4. 


15.7. The nature of the hydrated H* and OH ions in aqueous medium 

15.7.1. Extremely concentrated solutions and dissociation 

In fig. 15.19.2 the absorbance of the continuum is plotted dependent on 
the pK„ of the acid. This figure shows the following: In the case of the 1 N 
aqueous acid solutions the absorbance of the continuum is independent of 
the pK„ with the acids having pK a < I, and in the case of the 5 N solutions 
with the acids having pK a < - I. In the pK n region 1-3 the absorbance of 
the continuum decreases strongly. 

The fact that the absorbance of the continuum becomes independent of 
the pKu demonstrates that in this pK ; , region with all acids the same easily 
polarizable H-bond causes the continuum. With sulfuric acid solutions 
(fig. 15.19.1) the absorbance of the continuum shows a maximum when 
two water molecules/acid molecule are present. Furthermore, considera¬ 
tion of the bands shows that from all acid molecules one proton is 
removed even when only two water molecules are present. These results 
taken together demonstrate that with the acids with low pK u , as with PSA 
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(section 15.2.1). the H<0 : - grouping is the reason for the continuum. With 
acids having P K,<0 the potential energy of the excess proton is much 
higher at the acid group than at the water molecule. 

In the case of benzene sulfonic acid, too, the maximum of the 
absorbance of the continuum observed with 2 H 2 0 molecules/acid 
molecule (fig. 15.19.3) demonstrates that the H^O?' groupings are the main 
reason for the continuum. Furthermore, the S-O stretching vibration has 
almost completely vanished when 2 H,0 molecules/acid molecule are 
present and is never observed with the 5 M solution. Thus in the 5 M 
solutions all protons are removed from the anions. Figure 15.19.2 shows, 
however, that with the 5 M solution the absorbance of the continuum is 
lower than expected if all excess protons are present in H,Oj groupings. 
This can only be understood with the aid of the plausible supposition that 
with acids in this pK, region some excess protons are present in the 
H-bonds between the acid and the water molecule, whereby these 
H-bonds are more or less ‘‘symmetrical” and hence easily polarizable. In 
the case of benzene sulfonic acid the fact that all protons are removed 
from the anion with the 5 M solution demonstrates that with this acid the 
deeper well in this H-bond is located at the water molecule. In contrast to 
this result in the case of the trifluoroacetic acid the band of the C=0 
stretching vibration at about 1780cm' 1 is weak but still observed with the 
5 M solution. This fact demonstrates that some protons are still present at 
the anion. Hence the potential energy of the excess proton at the anion is 
lower with trifluoroacetic acid than with benzene sulfonic acid. 

With acids having pK, in the region around pK, = 2, another connection 
between the absorbance of the continuum and the number of water 
molecules/acid molecule is observed. Figure 15.19.5 shows that the 
continuum with phosphoric acid (pK. = 2.1) has a maximum when one 
water molecule/acid molecule is present. Furthermore, the spectra in this 
figure show that with H,PO.» no rearrangement of the phosphate ion 
dependent on the concentration is observed, i.e., no rearrangement 
correlated to changes of the absorbance of the continuum. Thus the 
H-bond between the acid group and the water molecule is easily polariza¬ 
ble. The fact that no rearrangement of the phosphate ion is observed can 
only be understood by assuming that the lingering time of the proton in 
the polarizable H-bond at the phosphate ion is much larger than at the 
water molecule, i.e., the deeper well in the potential is located at the 
phosphate ion (for details see Schioberg and Zundel [1975a]). 

Hence with acids in the pK., range 1-3 the formation of such easily 
polarizable H-bonds between acid groups and water molecules is a step 
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which precedes the classical dissociation step (see also Zundel [1969a] p. 

224ff.)> i e., the formation of H s Oj. 

In summary we can state that the potential well in the H-bond between 
the acid group and the water molecules changes dependent on the pK„ of 
the acid as follows (see fig. 15.19.2): With acids having pK,.<0 the 
potential energy of the excess proton is much higher at the acid group than 
at the water molecule. With pK.= 1 the potential well in these H-bonds 
becomes largely “symmetrical". Finally, in the pK* range 1-3 the deeper 


well shifts with increasing pK a to the acid group. 

As with the phosphoric acid with aqueous base solutions , the formation 
of easily polarizable H-bonds and the classical dissociation step need not 
be strongly correlated. On adding one water molecule/base molecule 
HjOJ groups with easily polarizable H-bonds are formed. When, how¬ 
ever, the higher well in the H-bonds in these H,OJ groups is present at the 
OH group adjacent to the cation, the base is not dissociated (see 
Schioberg and Zundel [1973]). 


15.7.2. H,OJ, H 9 O 4 * AND H,0*, H 7 O 4 " IN THE HYDRATE STRUCTURE 
NETWORK 

It was shown in section 15.2 that the H,<X or H,0? groups play a special 
part in aqueous acid or base solutions. The proton or defect proton 
fluctuates in the H-bond of these groups. These H-bonds are easily 
polarizable. 

Various methods have shown (for summary see Zundel [1969a] p. 178) 
that the H 9 O 4 ' is a particularly stable group. The same is true of the H 7 0 4 
in base solutions (Ackermann [1957]). The nature of the H9O4 was 
discussed by Wicke et al. [1954]. They suggested that the excess proton 
fluctuates in the three H-bonds of this grouping. This explanation was 
criticized by Newton and Ehrenson [1971]. Two results show that the 
proton cannot fluctuate in the three H-bonds. Firstly, if two water 


Fig. 15.19.1,3-5. above: absorbance of the continuum of aqueous acid solutions at 1900 cm' 1 
dependent on mole H 2 0/mole acid (25°C) 

(5) below: IR spectra of-pure H,P0 4 (60°C),-mole H,P0 4 : mole H 2 0 =1:1 

and.0.5 M KH 2 P0 4 (different layer thickness) 

(U.4) below: IR spectra of-pure acid,-mole acid: mole water =1:2 and. 

5 M acid (25°C) 

(2) absorbance of the continuum at 1900cm' 1 of — x— x— 5M acid and —O—O— 1 M 

acid dependent on the pK, of the acid (25°C). 
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molecules are added to the H.0 2 * grouping, i.e.. H.,0 4 ' is formed, the 
H-bond within the H<0 2 is strongly polarized by the induced dipole 
interaction with these water molecules. Secondly, if the excess proton 
were to fluctuate in the three H-bonds. then all these H-bonds would be 
easily polarizable. Thus it would be expected that the absorbance of the 
continuum changes during the transition from H<0 2 to HvOi groupings. 
The continuum, however, remains unchanged during addition of water 
molecules to the HXK grouping (Zundel 11969a) p. 178). 

The behavior of excess or defect protons is illustrated by fig. 15.20. In 
this figure the environment around H 5 OJ or H,0 2 is so extended that these 
groupings are in largely symmetrical environments. Hence the proton or 
the defect proton can fluctuate in the H-bond of these groupings. The 
electrons of the water molecules follow the proton transfer in the 
H-bonds immediately. Hence, if the excess proton is present at one of the 
O-atoms of the H 5 OJ grouping, this O-atom is the center of the H v 0 4 ‘ 
grouping. Thus, in contrast to the earlier conception, the excess proton 
does not fluctuate in the three H-bonds of H»0;, instead, the H v 0 4 * 
fluctuates to and fro between the two O-atoms of the H*0 2 ’ when the 
excess proton fluctuates within the H-bond of this grouping (Zundel 
[1970)). The same is true with respect to the H 7 0 4 grouping (Schioberg 
and Zundel [1973]). 

15.7.2.1. Influence of the environment on groupings with easily polarizable 
hydrogen bonds 

The main reasons for the occurrence of the continuous energy level 
distribution are the induced dipole interaction of the H-bond in the H*0 2 
with anion fields and dipole fields of the water molecules, and the mutual 
interactions between such H-bonds. In the following we shall see how the 
nature of the easily polarizable H-bonds is influenced by these interac¬ 
tions with the environment. Jadzyn and Malecki (1972) showed, through 
dielectric measurements with other systems, that the proton transfer in a 
H-bond, especially the population of the two minima in a double 
minimum, is dependent on the dielectric constant of the solvent (see fig. 
20.7). 

Calculations were carried out with a model, described in section 5.4 
(Pfeiffer et al. [1976]). The main feature of this model is the assumption 
that the permanent water dipoles cannot follow the fluctuation of the 
proton in the H-bond. Hence the dipoles of the water molecules are 
oriented with respect to the mean charge distribution. The following is 
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Fig. 15.20. Schematic representation to explain the nature of the hydrated H,0 ; * or H»Oj. 

(!) Fluctuation of the H v 0 4 ‘ 

(2) Fluctuation of the H»0 4 . 

shown by these model calculations: I) The smallest asymmetry of the 
potential well, caused by ion fields, for instance, is usually reinforced by 
the induced dipole interaction with the water molecules. The lowering of 
the well by the dipole fields of the H 2 0 molecules is in the order of 
magnitude of a few hundred cm"'. Hence the weight of one of the proton 
boundary structures is increased considerably. The proton, however, is 
not trapped completely by the H 2 0 dipole fields in such symmetric double 
minima. Even for potential wells having a symmetry as high as 1000 cm 
the proton can transfer to the higher well, as can be seen in fig. 15.14, and 
hence it can still fluctuate. 2) If the asymmetry of the potential well 
caused by the ion fields is not too large, metastable states are possible. 
The weight of the proton boundary structure with which the proton is 
shifted opposite to the ion field direction by the dipole fields of the water 
molecules is increased. Hence, in these metastable states the influence of 
the dipole fields of the water molecules is larger than that of other fields. 
The energy levels of the potential well which belongs to these metastable 
states are shown by dotted lines in fig. 15.21. 3) If the lifetime of the first 
excited state is larger than the relaxation time of the water molecules, the 
medium tries to orientate itself to the mean charge distribution of the 
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excited state when this state is realized. Figure 5.2 shows that-with not 
too asymmetrical double minima-the dipole moment of the H-bond in 
the excited state is orientated opposite to the direction in the ground state. 
The charge distribution in the first excited state is the reflected image of 
that in the ground state. Thus if one potential well is lowered by ion fields, 
the water molecules try to orientate themselves to the higher well, since 
the larger charge density in the excited state is there. Hence this well is 
lowered by the dipole fields of the H 2 0 molecules and symmetry 
increases. If the lifetime of the excited state is large enough, such a state 
exists. The energy levels which belong to this state are shown as dashed 
lines in fig. 15.21. 

With respect to the continuum, it is of importance that the number of 
levels is increased by the effects mentioned, as illustrated by fig. 15.21. In 
this figure only the energy levels of a H-bond in an ion field are given. In 



Fig. 15.21. Energy levels of the H-bond in H,OJ, results of model calculations taking into 
account the polarization of the environment (see section 5.4) as a function of the distance 

H,0 2 ‘ anion, polarization of the environment orientated to:-the charge distribution of 

the ground state..the charge distribution of the metastable state,-the charge 

distribution of the first excited state. 
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addition, analogous effects are caused by the interaction between the 
polarizable H-bonds, whereby the number of levels is increased even 
further (for details see section 5.4). 


15.8. The anomalously large proton and defect proton conductivity and 
the polarizability of hydrogen bonds 

The structure diffusion of the grouping with the excess or defect 
proton-as discussed in section 15.2.1-is the rate limiting step of the 
anomalously large conductivity of acid and base solutions at room 
temperature (Eigen [1963]). The structure with the excess or defect 
proton shifts to and fro in the hydrate structure network very frequently. 
This is illustrated in fig. 15.22. This figure shows the two proton boundary 
structures of H 5 Oj (I and II), on the left before a structure diffusion step, 
and on the right after a structure diffusion step has occurred. The hydrate 
structure network in the larger environment becomes more or less 
strongly rearranged with such a step whereby the water molecules are 
reorientated (not shown in the schematic representation). 

In addition to the interaction effects discussed in section 15.5, the large 
polarizability of H-bonds is the reason for the anomalously large conduc¬ 
tivity of acid and base solutions. The field-sensitive mechanism of this 
conductivity (Grotthus conductivity) is based on the fact that these 
H-bonds can be easily polarized (Weidemann and Zundel [1970]). This 
can be understood in the light of fig. 15.22: When a field is present the 
weight of the proton boundary structure II is increased, since the H-bond 
can easily be polarized. This in turn favors the structure diffusion of H 5 O 2 
in field direction. Hence the charge is shifted preferentially in field 
direction. This is observed as anomalously large proton conductivity. 
Contrary to earlier suppositions (Zundel [1969a] p. 229) small external 
fields are large enough to cause a sufficient rise in the weight of the proton 
boundary structure with which the proton is shifted in field direction 
(Weidemann and Zundel [1970]). 

With respect to this mechanism, anomalously large proton or defect 
proton conductivity should not be limited to aqueous media. This type of 
conductivity should be a more general effect. Grotthus conductivity will 
always be observed when the following two conditions are fulfilled. 
Firstly , the system must contain easily polarizable H-bonds. Secondly, the 
molecules of the system must form at least two H-bonds, whereby the 
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Fig. 15.22. Schematic representation to demonstrate the structure diffusion of H,0,* and the 
reason for the field-sensitive mechanism of the anomalously large H' conductivity (Grotthus 

conductivity). 

excess proton present in one H-bond can change roles with the H-nucleus 
in the other. 

In fact, proton conductivity due to this mechanism was found by 
Grunwald et al. [1962] in methanol solutions, and by Erdey-Gruz and 
Kugler [1968] in glycerine solutions. Of course, the field-sensitive 
mechanism of the H* or OH conductivity in solids, as for instance in ice, 
is the same (for conductivity in ice see Engelhardt et al. [1969] and ch. 20). 
Kawada et al. [1970] have shown that the excess and defect charge 
conductivity in imidazole crystals proceeds similarly to that in ice. This 
type of conductivity with isocytosine crystals was investigated by 
Thomas et al. [1969]. The conductivity in the Mg(OH) 2 crystal lattice was 
investigated by Gieseke et al. [1970]. For further solid systems exhibiting 
proton conductivity in solids see section 20.2.3. Grotthus conductivity 
with adsorbed molecules via (NH*--N)' bonds was observed by Fripiat 
et al. [1970] in investigations of ammonia on silica gel (see sections 15.3.3 
and 27.2.4-6). 

15.8.1. CONDUCTIVITY CHANGES WITH CONCENTRATION AND WITH 
NEUTRAL SALT ADDITION 

Lown and Thirsk [1971] studied very extensively the conductivity of 
aqueous solutions of KOH, NaOH and LiOH over a wide temperature 
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and pressure range. They found that with increasing concentratiM oftte 
base solutions, the conduction mechanism changes from the P r °* " 
transfer mechanism (Grotthus mechanism) to the hydrodyna 

01 Th'ese Authors suggest as an explanation for this concentration- 
dependent change that, at high concentrations, most of the wate 
molecules are dominated by their proximity to an ion and so cannot 
participate in the proton transfer mechanism. This hindrance of the 
structure diffusion by the disrupture of the hydrogen-bonded network is 
certainly of great importance for the observed disappearance of Grotthus 
conductivity. However, it seems probable that the reason is not only the 
direct hindrance of the structure diffusion but also an indirect effect 
caused by a change in the polarizability of the H-bonds with increasing 
concentration (Schioberg and Zundel [1973]). As the concentration in¬ 
creases, the symmetry of the environment around the H,0 : becomes 
increasingly disturbed, since the fields of the cations and those of the 
solvent molecules which are no longer so symmetrically arranged, i.e., the 
local fields, polarize the H-bond in H.O,' to an even greater extent (section 
15.6.5). As polarization increases, the polarizability decreases (fig. 
15.15.1). The weight of the proton boundary structure in which the charge 
in the H 3 Oj grouping is shifted contrary to field direction can thus no 
longer be increased significantly by an external field. The Grotthus 
mechanism of conductance is thus hindered by the local fields in the 


solution as the concentration increases. 

The effect of neutral salts. It seems probable that the effect of neutral 
salts on the conductivity (section 15.6.5) can be explained similarly. Here, 
the change in hydrate or water structure discussed by Kalman [1971a, 
1971b] and Schwabe [1972]-or the polarization of the H-bonds by ions 
may have varying importance depending on the system as far as the 
conductivity decrease is concerned. 


15.9. Polarizability of hydrogen bonds in biology 

Since H-bonds are of primary importance in biology, the question arises 
as to whether easily polarizable H-bonds are also of importance for any 
biological events. 

15.9.1. Polynucleotides 

In the double helix formed by semi-protonated salts of the 
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homopoly(ribonucleotide) polycytidylic acid (poly (C)) both strands are 
linked via (NH-**N)‘ bonds. (NH --N)* bonds with isocytosine were 
investigated earlier by Thomas et al. (1969] (see section 15.8). The 
continuum is observed in the IR spectra of semi-protonated poly (C), 
when it is present in the coiled state. If a double helix forms, an extremely 
broad band of the NH stretching vibration is observed extending from the 
bands of the -NH* stretching vibrations in the range 3400-3100 cmto 
smaller wave numbers up to 2100 cm*' (Zundel et al. (1972]). A broad 
band is observed instead of the continuum, since in the double helix all 
easily polarizable (NH • • • N)‘ bonds are orientated equally to one another 
and polarize each other mutually to a high degree. The induced dipole 
interaction between these easily polarizable H-bonds balances a consider¬ 
able part of the electrostatic repulsion of the protons and hence enables 
the double helix to form. 

In the NH'-'N bonds in DNA and RNA, no symmetrical double 
minimum occurs (Fritsche [1971]). Shulman (1969] discussed an asymmet¬ 
rical double minimum potential in the NH • • • N bond in poly (A + U). With 
these substances, a weak band at about 2750 cm*' is observed, probably 
caused by the NH stretching vibration. This band has an extremely large 
half-width, which in low temperature experiments is completely indepen¬ 
dent of temperature up to 85 K (Zundel et al. [1972]). Thus, it seems 
probable that these NH • • • N bonds are considerably polarizable and that 
the interaction effects connected with this polarizability contribute to the 
stabilization of the secondary structure (Zundel et al. [1972]). 

15.9.2. Phosphatidyl serine 

In section 15.3.4 an intense continuum was observed with aqueous 
solutions with the zwitterion of serine phosphoric acid P-methyl-ester (see 
figs. 15.11.2-4). It was shown there that this continuum is caused by an 
asymmetrical polarizable H-bond formed between the carboxylic and the 
phosphoric acid groups. This molecule is a model molecule for the 
functional group of phosphatidyl serine, one of the main phospholipids in 
biological membranes. Whether these bonds are present under physiologi¬ 
cal conditions in membranes cannot be decided, but it seems possible 
(Papakostidis and Zundel [1973]). 

15.9.3. Hydrolyzing ATP 

Investigations of aqueous solutions of K„H 4 -nATP and MgK„H 2 -r, ATP 
dependent on n, i.e., the H/K ratio, show the following: ATP may associate 
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via H-bonds formed by a H* between the phosphate groups. These OH ! ■ • • O 
bonds cause continua. Thus these H-bonds are easily polarizable 
(Matthies [1975] and Matthies and Zundel [1976]). F-thermore^ during 
hydrolysis of ATP continua are observed, which probably indicate 
formation of easily polarizable H-bonds. 


15.9.4. Proton conductivity in membranes via histidine 
residues 

With respect to the criteria discussed in section 15.8, Grotthus proton 
conductivity via imidazole molecules could be possible. The manner in 
which this could proceed is illustrated by the schematic representation in 
fig. 15.23.1. When no excess proton is present, the potential wells in the 
NH • • • N bonds between the imidazole molecules are asymmetrical. If, 
however, an excess proton is added, an (NH - N)' H-bond is formed. 
These bonds cause the continuum (section 15.3.2, fig. 15.8) and thus one 
sees that these H-bonds are easily polarizable H-bonds. Hence, if an 
electrical field is present, the proton is conducted by the chain of 
imidazole molecules (see also section 20.2.3). 

It seems possible that protons might flow by such a mechanism through 
lipophile parts of biological membranes via imidazole residues of the 
histidines of the membrane protein (Zundel and Weidemann 11971]). 
Figure 15.23(2) shows spectra of poly-L-histidine at 0% and 50% proton¬ 
ation relative to the imidazole residues. A continuum observed with the 
50% protonated poly-L-histidine shows that easily polarizable (NH • • • N)* 
H-bonds are formed with poly-L-histidine (Zundel and Muhlinghaus 
[1971])*. Hence, it appears that the suggested mechanism is, in fact, 
conceivable. A theory considering the flow of protons through mem¬ 
branes taking into account the polarizability of H-bonds was developed 
by Ionov and Ionova [1972]. 

The question now arises: Are there biological systems in which a 
proton flux occurs which could proceed via such a mechanism? Oxidative 
phosphorylation takes place in membranes. It was shown in many 
experiments (Jagendorf and Uribe [1966] and for summary Witt [1971]), 
and postulated in the chemiosmotic theory by Mitchell [1961, 1968] that 


* (NH • • • N)‘ bonds between imidazole residues of histidines in the active center of enzymes 
are discussed by Crestfield ct al. [1963], Bender and Kezdy [1964J. Walsh et al. (1964). and 
especially by Shinitzky [1968b), by Ruterjans and Witzcl (1969J and by Ruterjans and Pongs 
[1971 ]. These bonds must be easily polarizable. 



762 


GEORG ZUNDEI. 



3800 3400 3000 2600 2200 1800 1400 1000 650 

Wave number {cm -1 ) 


Fig. 15.23. (1) Schematic representation to explain the proton conductivity via imidazole 
molecules by the Grotthus mechanism. F electrical field. 

(2) IR spectra of poly-L-histidine films (at 25°C) hydrated at 90 % relative air humidity 

dependent on protonation with HC1-0%.-50% protonated (% relative to the 

imidazole residues). 

proton flows through the membranes are of importance with oxidative 
phosphorylation. Further, Aldridge [1969,1970] and Rose and Aldridge 
[1972] showed that the imidazole residues of the histidines of the 
membrane proteins are involved with the oxidative phosphorylation, and 
that these residues are present as pairs in these proteins. Hence, it seems 
possible that the protons flow via a mechanism like the one suggested. 
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16.1. Introduction 

The spectroscopic investigation of H-bonded molecules at long wave 
lengths is a very useful technique since it furnishes a direct observation o 
the vibrational characteristics of the H-bond linkage. This type of spectro¬ 
scopy is not merely an appendage to the usual short wave length spectro¬ 
scopy of H-bonds (in the region of 3000-4000 cm-), but indeed yields 
different and independent information. For instance, if two formic acid 
molecules combine to form a H-bonded dimer (point group Cm.), six of the 
translational-rotational degrees of freedom of the two individual formic 
acid molecules are changed into vibrational degrees of freedom of the 
dimer. As a result, there now appear six fundamental H-bond vibrational 
modes spaced over the long wave length range of the spectrum 
(300-40 cm' 1 ). These six fundamental modes represent stretching, bending, 
rotatory, as well as torsional displacements of the H-bond atoms. Figure 
16.1, for instance, shows the two fundamentals which can be considered to 
represent H-bond “stretches”. 

Evidently, this multiplicity of allowed long wave length H-bond frequen¬ 
cies renders the concept of H-bond motion somewhat ambiguous. Careful 
definitions and categorization of the observations are required in order to 
obtain a clear picture about the nature of the measured H-bond fundamen¬ 
tals in terms of the atomic (or molecular) displacements. 

Because the relevant force constants are small (usually below 
0.3 mdyn/A), these H-bond motions are influenced by all types of weak 
interactions. In particular, direct observation of H-bond modes facilitates 
the study of the dynamical behavior of molecules associated via H-bonds, 
for instance the characteristics of the rotational and/or vibrational 
relaxation of such a H-bonded complex. This is very useful for under¬ 
standing the rate processes of H-bond formation and breakage, the 
conformational behavior of large molecular groups held by H-bonds (as in 
certain biologically important macromolecules) and similar problems. 

A further, and very important, reason for the interest in long wave 
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Fig. 16.1. Scale structure of the dimer of formic acid (HCOOH), and atomic displacements 
(not to scale) during its two H-bond stretching fundamentals. The mode of symmetry species 
A, (Raman) represents the translational motion of the two monomer molecules with respect 
to each other (pure stretching mode). The fundamental of species B y (infrared) represents a 
rotational-vibrational motion called the (infrared) “H-bond stretch", a. b are the in-planc 
inertial axes; inertial axis c is perpendicular to the plane of the ring. The dots denote the 
H-bonds. Axis c is also the twofold symmetry axis. 


length spectroscopy of H-bonds is the advent of the Laser as radiation 
source for Raman spectrometers. This has permitted ready observation of 
Raman-active modes which are situated close to the exciting line. In our 
example above of a H-bonded formic acid dimer, a combined application 
of far-infrared spectroscopy and low-frequency Raman scattering techni¬ 
ques would thus permit us to observe all of its six H-bond fundamentals; 
two modes of symmetry species A u and one mode of species B u in the 
far-infrared, two modes of species A, and one mode of species B g in the 
low-frequency Raman spectrum. 

It is therefore not too surprising that work employing low-frequency 
spectroscopic techniques to study various aspects of H-bonding is 
appearing at an increased rate since earlier reviews on this subject were 
published (Jakobsen et al. [1968] and Moller and Rothschild [1971]). As it 
is neither feasible nor useful to deal with every aspect of long wave length 
spectroscopy of H-bonded systems in the framework of this chapter, we 
have chosen to point out a few selected subjects which appear to be of 
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spectroscopy). 

16.2. Hydrogen bonding in acids, acid derivatives and alcohols 

16.2.1. Solids and liquids 

A relatively large amount of long wave length spectroscopy of H-bonding 
hasteen done !n carbonic acids and their derivatives. Great progress has 
been made, particularly on the crystalline phase of such compounds, no 
doubt because their structure is frequently known from X-ray t 5ca " er,n 8 f 
On the other hand, long wave length spectra of the liquid phase of 
carbonic acids and their derivatives are far less thoroughly understood 
(Bardet et al. [19701. Clague and Novak [I970al, Rey-Lafon and Forel 
(19701)- lack of independent structural information makes the assign¬ 
ments rather tentative. Unfortunately, a priori model structures are 
frequently assumed which are not proven, are conceivably incorrect or at 
least, are greatly oversimplified. For instance, although it is now rather 
well established (Almenningen et al. [19691) that two carbonic acid 
molecules form a planar H-bonded pseudo ring in the vapor phase (see fig. 
16.1), it is by no means evident that such well defined ring structure could 
also exist, for a significant time, in the liquid phase-where collision 
frequencies are of the order of the vibrational frequencies and where the 
general intermolecular forces are comparable to H-bond energies. This 
should pertain particularly to acids which carry large and relatively rigid 
groups at the carbonyl carbon [Bardet et al. [1970]). 

The work of Itoh and Shimanouchi [1972] on formamide. HCONH., 
covers the solid and liquid phases of this acid derivative. Since the crystal 
structure is known, the spectroscopic results can be accepted with 
confidence. Yet, even in this case, certain structural assumptions are 
necessary since the positions of the H-atoms in the unit cell are not 
known. The authors assumed that the N-H • 0 bonds are linear and that 
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the C-NH 2 group is coplanar (it forms a shallow pyramid in the 
monomeric molecule). The molecules in the solid form a puckered sheet, 
as shown in fig. 16.2. 

The factor group analysis of the crystalline compound (space group C5 h , 
four molecules HCONH* per unit cell) predicts 

r(T) = 3 A g + 2A U + 3B g + B u (16.1) 

for the representation of the translatory lattice modes, and 


T(R') = 3 A. + 3A U + 3B a + 3B U (16.2) 

as representation for the rotatory lattice modes. All the even species are 
Raman, the odd species are infrared-active. During these lattice motions, 
one formamide molecule moves with respect to the other(s); we thus see 
that all 21 fundamental lattice modes enumerated above represent, in their 
strict sense, H-bond motions. 

The exact nature of the H-bond displacements is much more compli¬ 
cated than indicated by a simple classfication into T' and R' modes. Since 
any of the above symmetry species contains rotatory as well as translat¬ 
ory motions, mixing takes place-particularly as the frequencies of the 
fundamentals are often quite close. For instance, six of the fourteen 



Fig. 16.2. Crystal structure of solid formamide. The 0---N distances amount to 2.93 A 
(within bimolecular unit) and 2.83 A (between bimolecular units), respectively. (Itoh and 
Shimanouchi (1972). by permission of Academic Press, Inc.) 
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, atto modes observed be.w.eo 43 and 233 cm" have been assigned to 

mixed translatory-rotatory motions some 

ri9721 and Rothschild [1972]), this transformation yields a statistical 
picture of the molecular motion by extracting the ch an g e-with;time 
behavior of the observed dynamical quantity (here the vibrational transi¬ 
tion moment) from its “intensity-with-frequency spectrum. 

The intensity vs. frequency data of Itoh and Sh.manouch. [1972] are 
shown (in part) in fig. 16.3. The uppermost spectrum re P[ esents lhe 
rotatory (224, 212, 198 and 155 cm-) and the rotatory-translatory (125, 



cm"' 


Fig. 16.3. Far-infrared transmission spectra of formamide for the solids at 160 and 50 C 
and the liquid at +30°C. (From Itoh and Shimanouchi [1972], by permission of Academic 

Press, Inc.) 
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115 and 88 cm - ') lattice modes of formamide crystals at -168°C. With 
increasing temperature the respective peaks are seen to shift to lower 
frequencies and to undergo considerable broadening until, in the room- 
temperature liquid state (lowest trace) the band width of the main 
absorption has become comparable to the absorption frequency. Trans¬ 
forming now to the time domain, we use the relation (Wegdam et al 
[1971]) 

<M(0) • M(t)) = (1/2tt) J exp (-iwf) g(w) dw (16.3) 

where 

g(o>) = a(io)l{co[ \ - exp (- huj/kT)]} 

(oj =27ti/, v = frequency) is the transition probability and a(o>) is the 
absorption coefficient. The quantity <M(0) • M (f)>, called the correlation 
function of the random variable M(t ), describes the ensemble average of 
the cosine of the vibrational transition moment vector M(t) at a time t 
when M had the value M( 0) at time zero. Af(f) will be recognized as the 
Heisenberg operator of the infrared transition moment. 

Before we discuss the results of this analysis, one point merits 
mentioning: since the far-infrared absorption spectrum (fig. 16.3) consists 
of several overlapping bands, it is not possible a priori to ascribe an exact 
meaning (with respect to location and direction) to M(t ): the nature of the 
vibrational motion is not the same for all bands in this spectral region. We 
therefore choose, arbitrarily, to assign the same average vibratory charac¬ 
ter to all the observed far-infrared modes. In view of the preponderance 
of mixed motion as discussed above, this assignment, however approxi¬ 
mate, is not entirely unreasonable. Hence, we will evaluate the correlation 
data in terms of a relaxation process which is caused by the random 
fluctuations of the vibratory-rotatory-translatory motions of the 
molecules. 

The results of our computations are shown in fig. 16.4. The oscillatory 
character of the relaxation process is clearly observable. We see, in 
greater detail, that (i) the far-infrared phonons have lifetimes of the order 
of 0.6-0.8 ps since thereafter the correlation function is essentially 
dampened out. (ii) There is little observable difference in the relaxation 
behavior of the two solid phases at -160 and -50°C, respectively. This 
indicates that the temperature rise from —160 to — 50°C does not bring 
about a significant change in the molecular motions which are on time 
scales of picoseconds. Further, we shall see below that the notion of 
“time scale” is rather significant for a proper description of the molecular 
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Fig 16 4. Normalized dipole correlation function of the vibratory-rotatory-translatory 
phonons of solid (- 160 and -50**C) and liquid <+30*>C) formamidc. as computed from the 

data in fig. 16.3. 


dynamics of H-bonding. (iii) Correlation is observed to dampen out at 
shorter times in liquid formamide (+ 30°C) than in its solid phases. 

On the basis of this particular model of far-infrared phonon motion we 
observe that the transition from low-temperature (-160°C) to high- 
temperature (—50°C) solid phase and then to the liquid phase (+30°C) 
does not bring about abrupt changes in the short-time dynamical behavior 
of the molecules but causes a gradual “loosening" of the intermolecular 
forces of the H-bonded network. 

Comparison of the data in fig. 16.3 with those displayed in fig. 16.4 
shows the advantage of transforming the spectral results into the time 
domain. The original spectrum, certainly, indicates that temperature 
variations and phase changes have an effect on the intermolecular 
H-bonding, but it is the transformed data which give a more quantitative 
aspect of this phenomenon. In the following, we will discuss further 
examples of this type of analysis. 

A study on the temperature dependence of the Raman spectrum o\ 
L-alanine single crystals has been published by Wang and Storms *../71]. 
A part of their work which is of particular interest here is the lemperature 
variation of the frequency and of the spectral width of the torsional mode 
of the NHJ group. (The crystal contains zwit.cr ions of the type 
CH 3 C(NHJ)HC02.) With increasing temperature (see fig. 16.5) the peak 
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Fig. 16.5. Peak frequency and spectral width of the NH; group torsional mode as a function 
of absolute temperature. (Wang and Storms (1971).) 

frequency decreases whereas the spectral width increases. These varia¬ 
tions are seen to be essentially linear until the temperature has reached 
about 220 K. Above this point, line broadening increases steeply in a 
nonlinear fashion and the peak frequency drops rapidly: evidently, a 
significant increase in the modulation of the transition frequency of the 
torsional vibration has occurred. It is not difficult to see that this would be 
caused by a sudden increase in the rotational freedom of the NHJ groups 
due to breaking of N-H***0 H-bonds at this temperature. Since Wang 
and Storms [1971] obtain from their data an activation energy which is 
close to that for breaking a single H-O-H bond (3-4kcal/mole), they 
propose that the greatly increased rotational mobility of NHJ beginning 
above 220 K is caused by rupture of the second of the three H-bonds in 
the L-alanine crystal: rupture of the first H-bond-which merely leads to a 
strongly hindered oscillatory motion of the NH5 group-must have 
already occurred at a temperature below 220 K. 

We note here a difference in the results of this dynamical analysis and 
the one we have performed above on formamide: in L-alanine, the 
observed transition moment is that of an internal vibration located in the 
NH 3 group. Hence, it is the motion (rotational) of this very group which 
contributes to band broadening of the vibrational spectral line. On the 
ot er hand, in formamide the observed transition moment is that of 
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several rotatory-translatory lattice modes, involving motions of whole 
molecules. The' information we are able to extract ;from the data ,s 
therefore less specific and best described in terms of phonon mono 

an Lw h f^ellcy Laser Raman scattering data in d 

in liquid glycerol have been reported by Wang and Wright 11971]. The 
observed spectral shape of the polarized and depolarized scattering 
(10-250 cm ') is related to the imaginary dielectric susceptibility (through 
the type of fluctuation-dissipation theorem which underlies the relaxation 
treatments discussed in the previous paragraphs). Using a model of a 
damped harmonic oscillator, one arrives at a theoretical band contour in 
terms of a damping constant, a characteristic frequency of the undamped 
motion, and the static dielectric susceptibility (Wang and Wright [1971]). 

Because of the complicated dynamical processes which give rise to the 
low-frequency scattering-namely bending and stretching motions of OH 
bonds against the oxygen atom of a neighboring H-bonded molecule as 
well as the mutual vibratory-translatory motion of the whole glycerol 
molecules-an exact characterization of the modes is not possible. (Com¬ 
pare this with the similar case of formamide above.) However, the 
temperature dependence of the damping constant and of the static 
dielectric susceptibility shows a transition region at 300-350 K, which is 
assigned to the breaking of the second H-bond (out of three) in glycerol; 
rupture of only one H-bond does not significantly increase the motional 
freedom of the whole glycerol molecule. This conclusion is quite analog¬ 
ous to that proposed for the motional behavior of the NH5 group in 


alanine (see above). 

It is particularly interesting here that neither the damping constant nor 
the static dielectric susceptibility of glycerol show a significant change in 
the glass transition region (T g = 184 K)-in contrast to the corresponding 
findings from dielectric loss measurements. Wang and Wright [1971] as 
well as others (Kneubuhl [1968] and Rothschild [1972]) have pointed out 
that such behavior is a much more general phenomenon since it is a 
consequence of the different “time scales” of the observational methods 
and hence of the different time scale of intermolecular motions which are 
thereby measured. The molecular motions seen through Raman and 
infrared techniques are of time scales of picosec and shorter and thus 
much faster, usually, than those observed by NMR, dielectric loss and 
ultrasonic techniques: in other words, the different techniques “filter out” 
different aspects of the dynamical phenomena. We believe that the same 
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basic reason must be responsible for the lack of observing a discontinuity 
in the spectral data (Itoh and Shimanouchi [ 1972]) as well as in the 
correlation functions of formamide (see figs. 16.3 and 16.4) within a 
temperature interval near -60°C where, on the other hand, an abrupt 
change of the second NMR moment has been noticed (Kromhout and 
Moulton (1957)). 

The lattice dynamics of crystalline methanol (which exists in H-bonded 
chain structures and represents the simplest substance containing linear 
O-H ••• O bonds) have been discussed by Dempster and Zerbi 11971J and 
Wong and Whalley [1971). The latter authors consider a model of a 
three-dimensional crystal with interactions ranging from a molecule to a 
few of its neighbors; the CH, and OH groups are considered as point 
masses. In contrast, Dempster and Zerbi assume that the far-infrared 
modes reflect the intramolecular forces within one chain; furthermore, 
they do not use a point mass model. Therefore, they allow for librational 
modes. (It should be noted that the position of the H-atom in the H-bond 
is not known.) Although both schools arrive at about the same value for 
the stretching force constant of the H-bond, their respective interpreta¬ 
tion of the dynamics of the low-frequency motions is, of course, quite 
different: Wong and Whalley (1971) predict that the contributions to the 
intensities of the (seven) infrared-active zero-wave vector lattice modes 
arise essentially from the transition moment induced by the fluctuations 
of the 0---0 distance and the rotational motion of the permanent dipole 
moment of the CHjOH molecule. Dempster and Zerbi (1971) suggest that 
the broadness of the H-bond modes arises from some cooperative effect 
with similar neighbors within a chain. In the most recent paper Pellegrini 
et al. [1973] offer further evidence to this interpretation and conclude 
from their calculations that a distribution of slightly distorted geometries 
along the chain of the H-bonded CH*OH molecules can account for the 
observations. 

16.2.2. Vapors 

Far-infrared spectra of the vapors of homogeneous and heterogeneous 
carboxylic acid mixtures have been published by Clague and Novak 
[1970b). Absorption peaks of the heteroacid molecules which do not 
appear in the spectra of the pure components can, of course, be readily 
assigned to vibrational motions of the H-bonded molecules, assumed to 
be 1:1 dimers forming a pseudo ring. However, due to the activity of 
torsional modes, for instance, involving the CF 3 group in trifluoroacetic 
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acid assignments in some of the acid dimers should be considered 
tentative and subject to possible revisions upon further study_or evjtenc^ 
The common aspect of the appearance of the vapor spectra of 
associated molecules is the lack of any of the features usually ascribed to 
vapor spectra; the band contours essentially consist only of a bro 
“Q branch" (Clague and Novak (1970b]). Information on the dynamical 
o, .h/vapor dimers is rherefore be., 
inverting the band contour, as described ,n section ,6 | J° th " 
we have carefully remeasured the vapor spectrum of the B„ mode o 
(HCOOH)j (see fig. 16.1) at 248 cm*' and performed the Fourier •nversion 
of the band contour. The resulting correlation function, which is shown in 
fig. 16.6, characterizes the reorientational motion of the vibrational 
transition moment vector which is located in the plane of the molecule^ 
The dashed curve in fig. 16.6 represents the fastest possible rotational 
relaxation for this mode; in other words, it shows the rotational correla¬ 
tion function for a very dilute gas consisting of stable (HCOOH) 2 


molecules (Rothschild [1973]). 

It is immediately apparent that the real vapor dimer molecules rotate 
significantly faster than the ideal, non-interacting dimer molecules. Since 
this cannot be (intermolecular forces slow down the motion in the real 
vapor), additional relaxation processes other than rotational relaxation 
must exist in this system. Because of the low vapor pressure under which 
the band was measured (1 torr), it is very unlikely that vibrational 
relaxation, induced absorption phenomena, or electrical field effects are 



picosec 


Fig. 16.6. Normalized correlation function (•••) of the 248 cm ' hydrogen bond stretching 
mode (B u ) of formic acid dimer in the vapor state (30°C. 1 torr). The dashed curve gives the 
corresponding theoretical correlation function (Gaussian approximation) for the classical 
ensemble of freely rotating non-interacting (HCOOH) : molecules. 
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the reason for the additional relaxation mechanism(s). We are therefore 
led to suspect that some type of fast dynamical process or processes leads 
to an interruption of the “temporary” structure of the dimer molecule, 
either by breakage of the H-bond or bonds. 


(HCOOH)* 2 HCOOH, 
or by a jump of the protons of the H-bonds, 

,0 — H-0 
HC 




O-H - 


O—H•• • • O 

CH ~ HC 


CH 


(16.4) 


Whatever the exact nature of the dynamical process, it is easy to estimate 
from our relaxation data in fig. 16.6 that the average “lifetime” of the 
temporary structure of the (HCOOH)* vapor molecules persists for about 
0.6 ps (Rothschild [1973]). 

We believe that the examples in these paragraphs have shown that the 
Fourier transformation of infrared and Raman band shapes is a very 
useful technique for understanding short-time dynamical effects of H- 
bonding. 


16.3. Intramolecular hydrogen bonding 

16.3.1. Ortho-halophenols (or 2-halophenols) 

There exists a large body of work on the properties of intramolecular 
H-bonds of ortho-halogen hydroxyl compounds such as 2-haloethanols 
and 2-halophenols. Recently, far-infrared spectroscopy has been applied 
to a study of 2-halophenols. The method consisted of directly observing 
and assigning the torsional vibration wave numbers of the corresponding 
cis and frans-conformers of these compounds and to calculate the 
constants of the torsional potential function 

2V(a) = Vi(l — cos a) + V*(l-cos2a) (16.5) 

from these data (higher-order potential constants were shown to be 
negligible). 

The results of such far-infrared studies (Carlson et al. l 1972]) are 
particularly interesting in regard to the trend of the enthalpies of the 
intramolecular H-bond formation (from Vi) with the nature of the halogen 
substituent and the phase of the medium (vapor or solution). In the vapor 
phase, the intramolecular H-bond strength of the 2-halophenols decreases 
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c-ri^Rr^T whereas in cyclohexane or carbon 

tetrac^ilorid^sohition the order is Cl > Br > I ^ F Carlson et jL U972] 
nrooose that the strength sequence for the vapor phase is caused by the 
order of the electronegativities of the halogen smbst.tuentithe equal° 
the effects of F and Cl is ascribed by them to the small size of the F atom 

preventing the O-H group to get close enough for °P t, ” U “ 
authors did not suggest that variations in the carbon-halogen bond lengths 
or the different polarizabilities of the halogen atoms could be influential, 
nor do they allow for repulsion interaction at closer distances. However, 
it appears likely that these and other complicating additional effects are 
present here, as is indicated by the solvent-induced reversals in the bond 

^Thf.^relsiU amount of literature on the strengths of intramolecular 
H-bonds between OH and halogen shows that agreement is not universal 
(Robinson et al. [1972]); furthermore, a valid unified theoretical approach 
apparently has not yet been achieved. 


16.3.2. Saccharides 

A certain degree of intramolecular H-bonding can be expected to be 
present in flexible hydroxy ethers, for instance in sugars where a CH 2 OH 
and OH group can undergo H-bonding with adjacent hydroxyl groups (or 
with the ring oxygen atom). 



No detailed assignments of far-infrared H-bond modes in saccharides 
seem to have been published, however a paper by Hineno and Yoshinaga 
[1973] merits attention. They used a modified Nujol sampling technique 
for recording the saccharide powder spectra and demonstrated that 
cooling the samples to liquid-helium temperatures (in combination with a 
cooled Ge-bolometer) resulted in a wealth of spectral data: in the range of 
500-50 cm" 1 , their spectra show about 40 sharp bands for lactose and 
about 30 peaks for galactose. This technique would then appear to be 
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useful for a study of H-bonding and conformational behavior in sac 
chandes and related compounds such as starch and cellulose. 


16.4. Proton donor-acceptor complexes 

A short, yet very interesting, account on far-infrared H-bonding between 
phenol and substituted pyridines has been given by Ghersetti et al. [19721. 
Their work is of special interest since it appears to show "steering” 
effects of the benzene ring substituents. 

Ghersetti et al. [1972] measured the H-bond peak wave numbers of 
phenol-pyridine solutions (near 130 cm-) and plotted them vs. Hammett’s 
sigma constants of the respective benzene substituent as shown in fig. 
16.7a. Except for bromine in the 4-position (para), the correlation is quite 
satisfactory: it shows that raising the electron density at the nitrogen atom 
of ring-substituted pyridines increases the strength of its interaction with 
the H-atom of the hydroxyl group of the phenol moiety-according to 
expectations. 

To corroborate the results described here, a “reversed experiment" 
employing ring-substituted phenols would be an obvious extension; 
another approach would be to use strong electron-withdrawing sub¬ 
stituents. In fact, far-infrared spectral data on solutions of pyridine and 
ring-substituted phenols (including the nitro group) have been published 
by Lichtfus and Zeegers-Huyskens [1971] and Hall and Wood [1972], If 
we take the observed peak wave numbers of the H-bond modes and plot 
them vs. Hammett’s sigma constants (see Jaffe [1953] for instance), we 


cm 



Fig. 16.7a. Correlation between the O-H-N stretching frequency and Hammett’s sigma 
constants in solutions of phenol and ring-substituted pyridines. (Ghersetti et al. (19721, by 

permission of Marcel Dekker, Inc.) 
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again obtain reasonabiy linear correlations as shown in fig. 16.7b As 
expected, the slopes (Hammett's rho constant) are d.fferent (Jaffe and 

Doak [1955]). 



Fig. 16.7b. Correlation between the O-H • N stretching frequency and Hammett's sigma 
constants in solutions of ring-substituted phenols and pyridine. (From spectra by Lichtfus 
and Zecgcrs-Huyskcns (19711 and Hall and Wood (19721). 


As fig. 16.7b reveals, several substituted phenols fall unexpectedly and 
conspicuously out of line: for instance, ^CHjCaFLOH in series B and 
4 -NO 2 C 6 H 4 OH in series A. Conceivably, this points to an insufficiency in 
the experimental methods or neglect of perturbing factors. For instance, it 
seems doubtful that the peak wave number of the absorption band is the 
most meaningful quantity to use in contrast to vapor spectra, where 
the peak wave number usually gives the J = 0->0 pure vibrational wave 
number very closely; this concept loses its exact meaning in the case of 
liquids and solutions where intermolecular forces redistribute the energy 
levels. As suggested by Gordon [1963], the first moment of the absorption 

band, - . f 

M\ = I a(a>) day j [a(co)laj] doj (16.6) 

(where a(a>) is the absorption coefficient), is theoretically more meaning¬ 
ful than the peak wave number, particularly where band contours are very 
broad or where different molecular species are formed. No doubt, further 
careful experiments are necessary in order to ascertain whether the 
apparent success of such correlations is a more general phenomenon or 
merely fortuitous. 
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16.5. Adsorbed molecules 

A large variety of surface-adsorbent phenomena are caused by H- 
bonding, for instance the adsorption of water on all types of oxides, 
silicates and so forth. It is not difficult to predict that such H-bonds may 
cause some of the strongest surface-adsorbent interactions and will 
therefore often be responsible for the dynamical phenomena of the 
adsorbed molecules. Although the long wave length spectroscopic inves¬ 
tigation of the H-bonds of adsorbed molecules involves rather difficult 
experimental techniques, it holds great promise. The frequently inher¬ 
ently weak spectra can nevertheless be studied in transmission by using 
sensitive helium-cooled solid state detectors for the far-infrared and by 
installing the more powerful Laser Raman sources, respectively. 

Probably, on account of such experimental difficulties, relatively little 
work on the long wave length spectroscopy of H-bonding phenomena of 
adsorbed molecules has appeared. An interesting account on the H- 
bonding of an ether to surface hydroxyl groups was published by Brodskii 
et al. [1969], who studied the far-infrared spectrum of tetrahydrofuran 
(“oxolane"). 



adsorbed on conditioned aerosil (free of water). The room-temperature 
transmittance spectra between 220-25 cm"' are shown in fig. 16.8: trace 1 
represents the spectrum of 120torr of tetrahydrofuran in contact with 



Fig. 16.8. Transmittance spectra of tetrahydrofuran on compressed disks of conditioned 
aerosil. The absorption of the aerosil disks has been subtracted. (Brodskii et al. [1969], by 

permission of the Chemical Society.) 
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•i for 15 h trace 2 represents the spectrum after evacuation to 
ToTtorr and trace 3 after further evacuation to 0.005 torr for 4 . 
Evaluation of the spectra is straightforward here since (0 tetrahydrofuran 
molecules cannot form intermolecular H-bonds amongthemselves‘ 

ih have to be broken upon adsorption on the surface) and ( ) 
rmtsorptL of teutdrofuran is absent. The band peaked near 
55 cm- is therefore assigned to represent a H-bond mode between ^ 
fing oxygen of the ether and the surface hydroxyl groups. In fac , 
assuming that the adsorbed tetrahydrofuran molecule moves as auni 
wTth respect to the surface, one obtains a force constant of about 
0.13 mdyn/A (Brodskii et al. [1969])-in good agreement with that ob¬ 
tained from near-infrared data. 

External molecular motions of water molecules adsorbed on a 
sodium-calcium zeolite were observed in the far-.nfrared by Moller e 
[1971] Their spectra are reproduced in fig. 16.9. which gives an indication 



Fig. 16.9. Transmittance spectra of water-saturated Na-Ca-zeolite tempered at 150°C (A). 
300°C (B), and 600°C (C). (Moller et al. [1971]. by permission of Pergamon Press.) 
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of the careful experimentation required for such studies. The uppermost 
spectrum, which represents the originally water-saturated system after 
heating at 150°C, indicates little structure since no discrete states of water 
adsorption are present at this high surface coverage. The lowest spectrum 
(tempered sample at 600°C) is devoid of fine structure since the water is 
completely desorbed. The intermediate spectrum (sample tempered at 
300°C) however, shows two bands which represent motions of the 
adsorbed water molecules: (i) a peak at 444 cm"', ascribed to the 
displacement of the whole adsorbed water molecule in a perpendicular 
direction to the surface and (ii) a peak at 71 cm"', representing the two 
(equivalent) parallel motions of the water molecules with respect to the 
surface of the zeolite. 

The intermolecular potential assumed here is the sum of contributions 
of interactions of water molecules with the sodium, calcium, as well as the 
oxygen ions of the zeolite; the point of strongest water localization on the 
zeolite is the Ca'* ion. It thus appears that H-bonding is not the only effect 
governing the dynamics of adsorption of water molecules on the zeolite 
surface. 


16.6. Molecules of biological interest 

In the last section of this chapter we shall discuss briefly some examples 
of an application of long wave length spectroscopy to conformational 
problems of H-bonds in molecules of biological interest. It should be 
understood from the onset that a good portion of this work is still rather 
poorly understood and that the conclusions need corroboration. 

The difficulties inherent in the evaluation of the data-apart from the 
experimental sophistication required for such work-are readily ap¬ 
preciated after a little reflection: any large biopolymer is of a greatly 
complicated structure and conformational diversity; the number of al¬ 
lowed vibrational modes is therefore large. Yet, even if ali these were 
known, infrared and Raman spectroscopy give (generally) only the 
phonon branches at the center and at the boundaries of the Brillouin zone 
(Zbinden [1964] and Moller and Rothschild [1971]). To obtain the full 
phonon branches for all phase angles, calculations must be performed 
(based on some assumptions). It is, of course, possible to consider only a 
part of the molecule or to construct a picture of the dynamical behavior of 
the whole from that of a combination of simpler and thus better 
understood model compounds (Harada and Lord [1970]). However, the 
end effect of such a procedure is not a priori equivalent to a complete 



787 


LONG WAVE LENGTH VIBRATIONAL SPECTROSCOPY 

understanding of the actual structural and conformational behavior of the 
whole biomolecule: the quantitative change in complexity upon 
build-up of such a large unit can often be expected to lead to a qualitative 
change^in the diversity of the possible and stable conformations. 

Brown et al. [19721 recently reported observation of a «°w wave numb 
mode in the Raman spectrum of a-chymotrypsm at 29 cm . This peak 
Das observed with material prepared in several different ways and . 
therefore inherent to the compound. Nothing can be said at this moment 
about the exact nature of the motion causing the low wave number 
scattering peak, for instance, whether it involves H-bonding at all and if 
so to what extent. However, the mode must arise from vibrations of all or 
a large portion of the protein molecule and must depend on the■ protein 
conformation since it disappears upon denaturation (Brown et al. W 

Not surprisingly, the long wave length motions of simpler biopolym 
such as «-helical poly-L-alanin are better understood. Two recent assign¬ 
ments by ltoh and Shimanouchi [1970] and Fancon. et al. [ 1971 ] however 
do not show good agreement in all aspects, differing in the value of the 
H-bonding force constant and in the boundary conditions for longitud.na 
phonons ("free" vs. "fixed" ends, see Zbinden [1964]) Although several 
chain modes have been predicted to lie below 300 cm-. such as motions 
involving helix deformations and longitudinal motions made active by the 
finite chain length ("accordion motions"), none of them have been 
observed in the low-frequency infrared and Raman spectra of the 
polyalanine. 


16.7. Summary 

The examples in this chapter have shown that long wave length vibra¬ 
tional spectroscopy is a very useful and elegant technique for obtaining a 
great deal of information on the characteristics of H-bonds. We can see 
three particularly great advantages of this method. Firstly, it permits us to 
gain more insight into the dynamical processes of H-bonding. processes 
which are closely linked to the strengths of H-bond interactions, to 
lifetimes of H-bonds and to temperature ranges where H-bonds are 
preferentially broken or formed. Secondly, long wave length spectro¬ 
scopy affords a means of investigating certain aspects of the conforma¬ 
tional behavior of biomolecules, a behavior which is often determined by 
the degree of H-bonding. (It would appear that low wave number Raman 
scattering here has certain advantages over the far-infrared.) Thirdly, long 
wave length vibrational spectroscopy is profitably applied to the study of 
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H-bonding to surfaces, a subject of great importance. (Here, we would 
tend to believe that the far-infrared is more readily used than low wave 
number Raman scattering.) 
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List of symbols 

factor group representation of the rotatory lattice modes, 
factor group representation of the translatory lattice 
modes. 

point group symmetry species. 

random variable of infrared transition moment vector at 
time t. 

angular frequency. 

transition probability. 

damping constant. 

absorption coefficient. 

first moment of absorption band. 

absolute temperature. 

spectral width (in fig. 16.5). 

= h/liTy and k have their usual meaning, 
torsional potential function about angle a, with coeffi¬ 
cients Vi and V 2 . 

quantum number of the total angular momentum. 


Note added in proof 

Further results on the molecular dynamical aspects determining the 
far-infrared band contours of formic acid vapor (see section 16.2.2) have 
been published by Rothschild [1974]. The conclusions are that proton 
tunneling in the hydrogen bonds of the isolated formic acid dimer molecule 
does not occur on a time scale which is fast enough to cause significant 
broadening of the band contour of the 248-cm" 1 B u mode. If such proton 
tunneling occurs at all, its rate would not be faster than 10’ 1 sec -1 . Hence, at 
this writing, a convincing explanation for the H-bond induced broadness of 
the far-infrared stretching fundamental of this molecule has not been put 
forward. 
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17.1. Introduction 

Over approximately the last 15 years the use of high resolution NMR as an 
aid in elucidating the nature of H-bonding interactions in chem.cal systems 
has shown impressive growth. It is the aim of the present article to d.scuss 
more recent developments-within approximately the last five years-and 
to critically assess the usefulness of information obtained from certain 

te MosTh7gh resolution NMR studies of H-bonding have been conducted 
by monitoring 'H shifts as a function of concentration although interest in 
the use of nuclei other than 'H has been increasing rapidly. A large portion 
of this review will be concerned with the validity of thermodynam.c 
parameters and chemical shifts for H-bonded species inferred from H 
shifts as a function of concentration. 

The greatest shortcomings in the use of PMR shifts to describe hydrogen 
bonding equilibria are: /) that PMR measurements give no observable 
directly related to monomer concentration and 2) that more parameters 
have to be determined from PMR measurements than from techniques 
such as vapor pressure, distribution and infrared spectroscopy which, in 
favorable cases, allow measurements of a quantity directly proportional to 
monomer concentration. One particular area which we will stress is the 
utilization of information from other experimental techniques in interpret¬ 
ing PMR measurements and the degree of correlation between information 
obtained solely from PMR measurements and information obtained from 
other experimental techniques. 

No extended discussion of the theoretical basis for the chemical shifts 
which nuclei undergo when participating in a H-bond will be given. The 
reader is referred to other sources (Davis and Deb [1970] and Kollman and 
Allen [1972]) for information and further references. Additionally, we will 
not attempt to tabulate all reported values of chemical shifts and 
thermodynamic quantities for the last few years. The interested reader is 
referred to the reviews of Murthy and Rao [ 1968] and Davis and Deb [1970] 
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for extensive tables of thermodynamic data. Relaxation measurements, by 
use of NMR techniques, on H-bonding systems are discussed in ch. 21 by 
Hertz and Zeidler. 

17.2. Systems with extensive self-association 
17.2.1. General considerations 

In the absence of spin-spin coupling with adjacent non-H-bonding protons 
in the same molecule, and under rapid exchange conditions, a proton 
involved in a H-bond contributes to a single resonance line which, as shown 
by Gutowsky and Saika [1953], is a composite of both bonded and 
non-bonded proton signals. For example, in a solution containing one 
component with both acidic and basic sites-in the H-bonding sense-with 
an equilibrium which may be represented by* 

/ A = Ca + h/CC;. (17.1) 

The observed proton chemical shift is given by 

Vi* = (i/,Ca + np m K H C m A )HC A + nK„C;>, (17.2) 

where v x is the chemical shift of the monomer and v n is the chemical shift 
of the H-bonded protons, assumed to be equivalent, in the polymer of 
order n. If the protons are not all equivalent then v n will be the weighted 
average of the individual proton shifts in the polymer. 

Figure 17.1 gives a qualitative picture of the dependence of chemical 
shift upon concentration when the equilibrium involved can be represented 
by eq. (17.1). For an equilibrium involving only monomer and dimer Curve 
I shows the expected concentration dependence of the chemical shift. 
Curve II shows that in the absence of dimers an equilibrium involving a 
higher polymer such as trimer or, equally, several higher polymers, would 
produce a limiting slope of zero as the concentration approaches zero. A 
point of interest here is that it ij not always possible to discriminate 
between these two types of curves. If, due to experimental limitations, the 
lowest accessible concentration is reached at point a then Curve II would 
erroneously appear to be a function of a dimeric equilibrium at low 
concentration. 

* The formal or analytical concentration of a solute will be represented by / A or simply C. 
Subscripts, C A , indicate the monomer concentration for a particular solute A. 
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Fig. 17.1. Comparison of qualitative chemical shift vs. concentration curves for dimeric (I) 

and irimeric (II) equilibria. 


17.2.2. Alcohol and phenol association in nonpolar solvents 

From the hydrogen bonding standpoint, alcohols represent an interesting 
class of compounds and numerous publications have discussed the study 
of alcohol H-bonding using high resolution proton NMR. Phenols and 
short-chain aliphatic alcohols have been most intensely studied. The pure 
liquid alcohols such as methanol, ethanol and f-butanol are highly 
associated and have OH proton resonances near 5.0 ppm downfield from 
tetramethylsilane (TMS). At extreme dilution in solvents such as CCL, and 
hydrocarbons, the OH resonances of these monomeric aliphatic alcohols 
appear at roughly 0.7 ppm downfield from TMS. 

Two approaches have been most widely used in attempts to derive 
chemical shifts and/or thermodynamic parameters from chemical shift vs. 
concentration data for alcohol solutions in nonpolar solvents. The limiting 
slope method described by Huggins et al. [1956] showed that for a dimeric 
equilibrium (as in fig. 17.1, Curve I) the limiting slope of the 
concentration-chemical shift curve is a function of the equilibrium 
constant for dimerization K 2 and the difference between monomer and 
dimer chemical shifts, A D . 

(d^ob*/dC)c-o = —2K 2 A d - (17.3) 

The limitation of this method is that K 2 cannot readily be obtained from 
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experimental data unless the values of v x and v 2 are directly observable 
thus providing an unambiguous value of A„. An enthalpy of dimerization, 
AH 2 , can be obtained from a van’t Hoff plot of the limiting slope if data 
are taken at several temperatures and the assumption is made that A„ is 
temperature independent. However, it is not likely that chemical shifts of 
associated species are generally temperature independent (see section 
17.3.5). 

A second widely used method has been to assume that eqs. (17.1) and 
(17.2) are good representations of the experimental data and then calcu¬ 
late the values of v n and K n for a particular associated species which best 
reproduce the *\>b. vs. C curve. Saunders and Hyne [ 1958] introduced this 
method using a graphical procedure to determine K n and v n . These 
authors found that the OH chemical shift of solutions of methanol and 
ethanol in CCU could be described over a wide concentration range by a 
monomer-tetramer equilibrium (1-4) and that chemical shift measure¬ 
ments for both f-butanol and phenol solutions in CCU could be described 
by a monomer-trimer equilibrium (1-3). 

We may ask how these apparently contradictory approaches-the 
assumption of a dimerization equilibrium at low alcohol concentrations 
and the fit over a wide concentration range assuming only a 1-3 or 1-4 
model-correlate with other evidence regarding the nature of associated 
species in alcohol solutions. 

Becker [1959] pointed out that the 1-3 and 1-4 models employed by 
Saunders and Hyne might not be sensitive to dimer presence at low 
alcohol concentration and were not compatible with infrared (IR) spectra 
of alcohol-CCU solutions in the fundamental OH stretching region 
(3700-3300 cm '). From many published IR spectra of alcohol-CCU 
solutions up to the date of the present article it is evident that most 
mono-hydroxy alcohols with the exception of certain sterically hindered 
ones have qualitatively identical IR spectra in the above region. Without 
going into detail about the IR spectra it is certain that these alcohol 
solutions at moderate concentrations (-0.2 M) and room temperature 
contain at least two associated species having different numbers of 
monomer units. 

In order to be qualitatively compatible with IR data, then, PMR data for 
solutions of non-hindered alcohols in nonpolar solvents should be inter¬ 
preted in terms of at least two specific alcohol complexes. This factor 
greatly increases the mathematical difficulty of analyzing PMR data. With 
reference to eqs. (17.1) and (17.2) PMR data on a system involving two 



NMR STUDIES OF HYDROGEN BONDING 


797 


self-associated complexes contain a maximum of five unknown 
parameters-monomer chemical shift, two equilibrium constants and two 
chemical shifts for the complexes-with only two measurable quant.t.es, 

total concentration and chemical shift. 

Beyond the point of realization of inadequate correlation of PMR da 

with other types of data on alcohol association little rece "' pr ° er ® SS ha * 
bein made. Chandler and Dinius [1969] and Baron et al. (1972a b] have 
treated PMR data for alcohol solutions (ethanol-cyclohexane and various 
phenols in CCL and cyclohexane, respectively) assuming a monoI " er ' 
dimer-polymer equilibrium and have used the limiting slope methodI to 
obtain a AH for dimer formation only. Dale and Gramstad [19 ], 
Bogachev et al. [ 1972], Storek and Kriegsmann [1968] and Dixon [ 1970] have 
obtained reasonable fits of PMR data by use of a 1-3 model (1-4 for 
methanol) for the respective alcohol-solvent systems: phenol in CCL and 
cyclohexane; phenol in CCL, cyclohexane and methylcyclohexane; t- 
butanol and trimethylsilanol in CCL; and methanol in cyclohexane Most 
of the above studies were done for several temperatures and enthalpies 

for a single assumed species are reported*. 

Recently, a detailed study of the self-association of t-butanol utilizing 

three experimental techniques has been completed by Tucker and Becker 
[1973a] and several interesting conclusions may be drawn from the proton 
magnetic resonance section of this work. 

Davis et al. [1960] treated PMR data for f-butanol-CCL solutions by the 
limiting slope method and obtained an enthalpy for dimer formation. The 
lower limit of alcohol concentration reached by these authors was 
-0.05 M. Figure 17.2 gives chemical shift vs. concentration data for 
f-BuOH-CCL solutions at 21° to a lower limit of 0.001 M t-BuOH (Tucker 
and Becker [1973a]). It is evident from these data that a limiting slope 
cannot be defined until concentrations lower than 0.01 M are reached and 
that a limiting slope derived at concentrations >0.05 M is much larger 
than the true limiting slope. Note also that the extrapolated monomer shift 
from concentrations above 0.05 M does not agree with the apparent 
limiting value. We may conclude that although the concentration depen¬ 
dence between 0.05 and 0.2 M t-BuOH resembles dimeric dependence the 


* In marked contrast to the numerous PMR studies of phenol association interpreted in 
terms of a monomer-trimer only model up to concentrations of several molar the near IR 
studies of Whetsel and Lady [1970] leave little doubt that significant concentrations of 
phenol polymers larger than trimer are present at phenol concentrations less than 1.0 M in 
nonpolar solvents. 
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Fig. 17.2. OH proton chemical shift vs. concentration for terf-butanol in CCL solution at 21°. 

Points are experimental.-is limiting slope which would be derived from alcohol 

concentrations >0.05 M. From Tucker and Becker (1973a]. 

limiting slope of the curve in fig. 17.2 shows little evidence for significant 
dimer concentration. 

The problem of defining the limiting chemical shift-concentration 
behavior in H-bonding systems is much easier at the present time with the 
wide availability of time-averaging computers, and more recently, the 
development of Fourier transform techniques. A more difficult problem is 
faced in establishing the minimum number of associated species in a 
system under study. 

Utilizing eqs. (17.1) and (17.2) Lippert [1963] derived the following 
equation 

(AW/;")''" = [(*. - p,)nK.V -[(*. - (17.4) 

where Ai/ is the difference between observed and monomer chemical shift 
and other symbols have the same meaning as in eqs. (17.1) and (17.2). For 
the case of only one complex of order n, a plot of the left-hand side of this 
equation vs. Ai/ should give a straight line. 

The use of this equation is illustrated in fig. 17.3 for PMR data on 
solutions of f-BuOH in n-hexadecane at 30.6°. Note that each of the lines 
for n = 2, 3 and 4 has some degree of curvature suggesting that more than 
one associated species is present. The concentration limits are 0.003 to 
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A V (ppm) 


17 3 Lippcrt equation plot of PMR data for f-BuOH-hcxadccane solutions at 30.6°. O. 

• hi ^ = 2;A n = 3;Q n a4 FromTuckcr and Becker (1973a]. 

~3 0M. The initial slope of the curve for n =2 is mathematically 
incompatible with the form of the Lippert equation thus indicating that 
there is no dimer dependence of these data within the experimental 
precision. The curve for n = 3 has the most nearly linear intercept 
indicating that the predominant complex at low concentrations is a tnmer. 

Some previous PMR data for f-BuOH-CCL solutions (Saunders and 
Hyne [1958) and Storek and Kriegsmann [1968]) have been fit relatively 
well over a wide concentration range by assuming only a 1-3 equilibrium. 
Figure 17.3 shows that after the first few data points are passed (A*/ = 0.5 
at —0.06 M) the lines for n = 3 and n = 4 are approximately straight 
thereby admitting the possibility of a reasonable fit of these f-BuOH PMR 
data with a simple but incorrect model. 

We now ask whether a qualitatively incorrect model such as the 1-3 or 
1-4 will satisfactorily correlate PMR data for f-BuOH association with 
data from other experimental techniques. Tucker and Becker [1973a] 
have studied the association of f-BuOH in n-Ci 6 Hj4 and n-CieDj.. at 
several temperatures by vapor pressure, 220 MHz PMR and IR techni¬ 
ques. All three types of data can be analyzed assuming only a 1-4 
equilibrium. Figure 17.4 gives van’t Hoff plots for K 4 s from these data. It 
is readily apparent that the quantitative agreement for the 1-4 model for 
these three data sets is quite poor. A similar but worse situation exists for 
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Fig. 17.4. Van't Hoff plots of tetramer constants for t-BuOH association in hcxadecanc 
derived from vapor pressure (I), PMR (II) and IR data (III), respectively. E. E. Tucker, 

unpublished work. 


the 1-3 model. We may conclude that although a satisfactory fit of PMR 
data may be obtained with a 1 -m model the PMR equilibrium constant will 
not be comparable with an equilibrium constant for the same 1-n model 
from another type of data on the same system when evidence exists for at 
least two associated species. 

In favorable cases one can determine the first important associated 
species and the minimum number of complexes present from PMR data if 
sufficiently low concentrations are reached. The identity of the highest 
order species in the system is still open to question. We agree with the 
statement of Davis and Deb [1970] that no present method of PMR data 
analysis appears to be very sensitive to species higher than tetramer. A 
synthetic set of PMR data computed for a monomer-trimer-hexamer 
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(1-3-6) equilibrium and plotted according to eq. (17.4) with n = 4 is almost 
exactly analogous to the fourth-order plot of t-BuOH PMR data ,n fig. 

'’obtaining a unique solution for the five PMR parameters involved in 
the qualitatively necessary depiction of alcohol solut.ons as containing at 
leas, two associated species is extremely difficult-even w.th the availa¬ 
bility of computers for numerous iteration cycles. Monomer chemical 
shift may be determined by extrapolation from sufficiently low concentra¬ 
tions thereby removing one parameter. Determining the slope and inter¬ 
cept of the Lippert plot would, in principle, give the equilibrium constant 
and the chemical shift of the first important complex, but this procedure 
probably places excessive weight on the precision of the data for very low 
alcohol concentrations where the degree of association is quite small. One 
satisfactory procedure is to determine equilibrium constants from non- 
PMR data and use these together with an extrapolated monomer chemical 
shift to calculate chemical shifts for the complexed species (Tucker et al. 
[1969]). 

Tucker and Becker [1973a] found that the least complex equilibrium 
expression which satisfactorily correlated, both qualitatively and quan¬ 
titatively, vapor pressure. PMR and IR data for f-BuOH association in 
n-hexadecane was a model which excluded dimer formation, had a unique 
trimer equilibrium constant and an equilibrium constant for the stepwise 
formation of polymers higher than trimer. This model correlated the three 
sets of data slightly better than a model assuming specific species such as 
1-3-6. The model is related to a model which Coggeshall and Saier [1951] 
used to treat IR data for alcohol solutions. Using the assumptions of 
Coggeshall and Saier [1951] but considering a trimer as the first significant 
polymer, the formal or analytical alcohol concentration can be expressed 

35 / A =C A + 3K J Ci + 4K J K.C 4 A +--+nK,K:-’CX. (17.5) 

where K> = CJC\ and K, = C A „/(C A „ ,)(C A ) for n&4. With some 
manipulation eq. (17.5) can be transformed to a closed form expression 
which converges under the condition (K.C A ) 2 < 1. 

/ A = C A + [K J Ci(3-2K,C A )/(l - K„C a ) 2 ]. (17.6) 


Alternative expressions may be developed which attempt to account for 
the cooperative effect on bond formation in polymers higher than trimer. 

The utilization of eq. (17.6) in analysis of PMR data differs depending 
on the assumption of the nature of the complexes involved, i.e., whether 
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chain (open) or cyclic complexes are assumed. We assume two situations: 
/) that all polymers have chain or open structures or 2) that the structure 
of the trimer is different from that of the higher polymers. The OH 
chemical shift for assumption 1 is given by eq. (17.7) 


^ob» 


-[ 


" c -+4l^£. k>) 

K,Ci(3-2K.C A ) 


+ v 


KyC\ 


(1-K-Ca) 3 


(1 - K»C. 


3)] A 


(17.7) 


In analyzing PMR data assuming a series of open complexes, it is not 
unreasonable to assume that the chemical shift of the hydroxyl proton at 
the end of a chain (where the oxygen forms a H-bond with a sequential 
proton but the end hydroxyl proton is free) is similar in magnitude to the 
shift of the free monomer proton. Such an assumption has been made in 
analyzing chemical shift data for amide solutions (see section 17.2.3). In 
eq. (17.7) then v\ is the chemical shift of the end proton in a chain polymer 
and the term KjC a /(1 - K.C A ) is the presumed concentration of such 
groups in the system, v*. is the chemical shift for an interior proton and the 
accompanying term is the analytical concentration of such protons. If the 
structures of all polymers are not identical, e.g., the trimer has an open 
structure and higher polymers are cyclic, the following chemical shift 
expression is obtained. 

vc = [yCA+ 3K,nC!>+ k. 2 ^ — 3K »Ca)]//*- (l7 ' 8) 

Least squares calculations of chemical shifts may be made for at least four 
distinguishable cases: 

I. A one parameter fit (for v,) of eq. (17.7) assuming that v x = v\ using 
an extrapolated monomer chemical shift. 

II. A two parameter fit (for v x and i/») assuming that v x = v\ but that 
the extrapolated value of v x is incorrect. 

III. A two parameter fit (for v\ and i/.) fixing v x at the extrapolated 
value but assuming that v x ^ v\. 

IV. A two parameter fit (for vy and v~) fixing v x at the extrapolated 
value and assuming that the system obeys eq. (17.8). 

The monomer alcohol concentrations are the same for cases I-IV and are 
determined from eq. (17.6) using the vapor pressure Ky and K* values. 
Least square fits-utilizing an optimum-seeking computer program-of 
PMR data for f-BuOH-hexadecane solutions at temperatures between 20 
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Table 17.1 

Standard deviations for several least squares fits 
of ferf-butanol-n-hexadecane PMR data 


RMSD(ppm) 


T (°C) 

I 

Case 

II 

HI 

IV 

21.0 

0.069 

0.058 

0.064 

0.053 

30.6 

0.083 

0.065 

0.052 

0.040 

39.0 

0.086 

0.072 

0.041 

0.030 

49.5 

0.075 

0.067 

0.031 

0.023 


and IV may be further compared by looking at the calculated chemical 
shifts in table 17.2. The assumption in Case III of a senes of open or chain 
polymers provided a poor representation of the experimental data since 
the calculated values of are unreasonably far from the experimental 


The results of this detailed analysis of PMR data for f-BuOH Hx 
solutions, which indicate that the concentration of alcohol dimers is 
vanishingly small and that the structures of the alcohol polymers larger 
than trimer are more probably cyclic than chainlike, are in agreement with 
IR data on the same system by Tucker and Becker [1973a]. 

These PMR data for f-BuOH solutions are not interpretable in the same 


* A temperature change of 0.5°C is sufficient to produce a change in observed chemical shift 
of -0.03 ppm for solutions between 0.1 and 1.0 M f-BuOH at room temperature. This error 
is much larger than the precision of measurement of the chemical shift of - 0.002 ppm. 
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manner as most previous literature data for alcohol association accumu¬ 
lated through PMR measurements. There are two specific points which 
can be made concerning this disagreement. First, if alcohol dimers do 
exist to the extent of a dimerization equilibrium constant of ca. 1.0 M~' or 
larger, as values tabulated by Murthy and Rao [1968] seem to show, then 
it can be shown mathematically that one cannot obtain a correct limiting 
slope from PMR measurements obtained at concentrations above 0.02 M 
alcohol. Virtually all PMR data in the literature for alcohol solutions have 
been obtained above this concentration point. Secondly, for those cases 
of PMR data on alcohols where one can be relatively sure of observing 
the effect of a single equilibrium over a moderate concentration range, 


Table 17.2 

Calculated chemical shifts for fm-butanol-n-hexadecane PMR data 


TC C) 

21.0 

30.6 

39.0 

49.5 

Case III 

U m 

-2.86 

7.18 ±0.32 

-5.40 

7.77 ±0.32 

-6.97 

8.21 ±0.31 

-9.08 

8.74 ±0.33 

Case IV 

Vy 

Vm 

3.60 ±0.11 

5.47 ±0.09 

3.10 ±0.09 
5.40 ±0.08 

2.81 ±0.07 

5.27 ±0.08 

2.50 ±0.08 
5.22 ±0.09 


m> All chemical shifts are in ppm downfield from TMS (a negative shift 
is toward higher field than TMS). v, (extrapolated) is 0.622 ± 0.003 ppm. 


i.e., with hindered alcohols, analysis of the data for di-f-butylcarbinol by 
Patterson and Hammaker [1967] and for 2,4-dimethyl-3-ethyl-3-pentanol 
by Tucker and Becker [1973b] up to several molar alcohol concentration 
give dimerization constants of about 0.1 M' 1 and dimer chemical shifts in 
the range 3-5 ppm at room temperature. Additional evidence for a very 
small dimerization constant is given by the fact that the OH chemical shift 
of 2,4-dimethyl-3-ethyl-3-pentanol in CCL is linearly dependent on al¬ 
cohol concentration up to a concentration of 1.0 M at room temperature. 
Clearly, the effect of a dimeric equilibrium of this magnitude (K 2 < 
0.1 M”') will be virtually undetectable in the study of alcohols which 
readily form large polymers with increasing concentration above ca. 
0.05 M. 
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17 2 3 Amide association in nonpolar solvents 

s—r srrj 

b, K one assumes one equilibrium constant for dimer formation <KJ an da 
second equilibrium constant (K) for the stepwise addition of a monomer 
unit to any oligomer beginning with dimer then a quantity (V) related to 
analytical amide concentration may be represented as 


v , (2 - KV.) 

y ' Kl (1-KV.) 2 ’ 


(17.9) 


where V, is related to monomer amide concentration. A quantity (?) 
related to effective or “colligative property" concentration of amide is 

represented by 


as used by Davies and Thomas [1956] in their treatment of vapor pressure 

lowering data for amide-benzene solutions. 

LaPlanche et al. [1965] used the above equilibrium expressions to treat 
PMR data for N-isopropylacetamide/CCL solutions. The assumption was 
made that all amide associates were chainlike and that the end N-H 
proton which is not H-bonded had a chemical shift equivalent to a 
monomer N-H. The chemical shift expression which results is 

J'ob. = I'd)* I'D, (17.11) 


where v D is the shift of a bonded N-H and v M is the shift of the free and 
end N-H protons. Equation (17.11) is analogous to a simple monomer- 
dimer equilibrium involving only two types of chemical shifts. 

In addition to monomer concentration four unknown parameters, K 2 , 
K, and v 0 must be determined from observed chemical shift and total 
amide concentration. The monomer chemical shift of the amide presuma¬ 
bly cannot be observed due to exchange broadening of the N-H proton 
resonance at low amide concentrations. 
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A hypothetical amide concentration (C) is defined by LaPlanche et al. 
[1965] such that C = Yl(\ - Y). C can be expressed in terms of Y u K 2 
and K by substitutions fromeqs. (17.9) and (17.10). Iterative determina¬ 
tion of y, assuming K 2 and K values allows calculation of Y and Y The 
values of K 2 and K which produce the best straight line obeying eq. 
(17.11) are taken as the best values of K 2 and K. 

Use of the equation involving C is necessary because the particular 
standard state used by LaPlanche et al. [1965] requires, y, Y and y, to be 
functions of the equilibrium constants K 2 and K. The standard state in 
mole fraction terms, used in this development is l = S + y where 
S = n s l(n s + In,) and Y = In,/(n s + In,). n s is the stoichiometric number 


of moles of solvent and In, is the summed moles of species i, i.e., the sum 
of moles of amide monomer plus dimer plus trimer plus.... The 
relationship between equilibrium constants on this scale (Y) and that on a 
mole fraction scale using stoichiometric (X) moles of amide (lin,) is given 
by 


Kx = K 


(n s + lin,) 
(n s + In,) 


(17.12) 


The two-constant association model described above has been used by 
Graham and Chang [1971] to calculate enthalpies for self-association of 
several N-monosubstituted amides in CC1 4 . The calculated enthalpies per 
H-bond are larger for higher polymers than for the dimer. 


17.2.4. Carboxylic acid association in nonpolar solvents 

In one respect, the determination of equilibrium constants and spectral 
parameters for carboxylic acid association is simpler than determination 
of corresponding parameters for alcohols or amides. This is due to the 
tendency for the acids to form relatively large concentrations of dimers at 
very low acid concentrations. Carboxylic acid dimers are presumably 
cyclic with two hydrogen bonds which are each comparable in strength to 
the H-bond in a 1:1 complex such as phenol-acetone. Numerous litera¬ 
ture references are cited by Lippert and Statz [1967]. 

Most authors agree that the major self-associated species in carboxylic 
acid solutions at low concentrations in an inert solvent is a cyclic dimer*. 


* Bulmer and Shurvel! [1973] have recently questioned the preponderance of cyclic dimers 
over a significant concentration range. Their IR study appears to provide evidence for chain 
polymers, in addition to cyclic dimers, at ca. 1(T’ M acid in CCL. No estimate of the possible 
ratio cyclic dimer/chain polymer is given in this reference. From the appearance of the 
recorded spectra the ratio would seem to be rather large. 
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However, the thermodynamic stability of the dimer creates a problem in 
PMR studies of the self-association. The large fraction of the acid present 
L dimer at low concentration essentially prevents d.rec, observation of 

the monomeric OH proton shift. # 

Figure 17.5a,b shows concentration-chemical shift behavior for solu- 

Hons of acetic acid (AA) in C*H„ and CCU at several temperatures from 
the work of Jentschura and Lippert [I971a,b]. Some interesting features 
of these plots may be commented on. For a given concentration between 
infinite dilution and 0.1 M A A the observed chemical shift is at higher field 
in CCU with respect to the shift in cyclohexane showing the expected 
retardation effect of the less inert solvent. CCU, on the association 
process. The limiting slope at low concentrations is quite large. The OH 
proton shift reaches a maximum at intermediate concentrations and 
decreases significantly as the concentration approaches pure acid. The 



Fig. 17.5a,b. Chemical shift vs. concentration curves for acetic acid in cyclohexane (a) and in 
CCL (b) at various temperatures. From Jentschura and Lippert [ 1971 a, b). 
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decreasing chemical shift as pure acid is approached could mean that a 
significant fraction of the carboxylic acid associates in the pure liquid are 
open polymers-in the absence of pronounced medium effects-since the 
chemical shift for an open polymer will be less than that for a cyclic one in 
which all H-bonds are equivalent. Such a maximum in the chemical shift 
has not, to our knowledge, been observed for alcohol solutions. A 
maximum is apparent in the chemical shift data of LaPlanche et al. 11965J 
for N-isopropyIacetamide/C 6 Hi 2 solutions. 

Since the limiting slope is so steep that a monomer chemical shift 
cannot be readily determined in carboxylic acid/nonpolar solvent solu¬ 
tions an iterative method must be used for determination of v lt v 2 and K? 
from data in the concentration range where dimers are predominant. One 
modification of eq. (17.4) is 

nC n ~ l Ki = with a = (vo>»- v H )Hv m - y,). (17.13) 


As a first approximation it is assumed that the measured shift value (i/ ob ,) 
is not largely different from the value of v 2 . a is then neglected in the 
right-hand side of eq. (17.13) and the following equation is obtained. 


(C"- , ) - ,/ " - [(i/„ - (17.14) 


A plot of Vobx vs. C" ,/2 (n = 2) gives intercept and slope values whose ratio 
(i/s) is the first approximation of v 2 . Another form of eq. (17.13) is then 
used. 


(I'ob.— VnYC n ~ % = 


-I _ (Vl - VnY 

r\K n 


(^ob*- l '«)(«'! “ *0" 


-I 


nK n 


(17.15) 


A plot of C(v obs— v*) 2 vs. i^b* is then made using the lowest concentration 
data points. The resulting slope and intercept values, in the form 
Y = p — qx> give the value v x = v 2 + plq from the ratio p : q. 

In a third iteration step eq. (17.4) is used to obtain a better value of 
V 2 = v\ + bla from lines in the form Y = b — ax. A reversion to eq. (17.15) 
allows final determination of K 2 and chemical shifts. In practice, this 
process is carried out by setting up a computer program for the iteration 
sequence. The procedure is discussed in detail by Jentschura and Lippert 
[1971a]. 

Table 17.3 lists calculated values of v x and v 2 for acetic acid solutions in 
CCU and C 6 Hi 2 . The monomer chemical shifts are essentially temperature 
independent while the dimer shifts move to lower field with increasing 
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Table 17.3 

Solvent and temperature dependence of calculated 
OH proton resonances for acetic acid, monomer 
and dimer*' 


T 

(K) 

Vl 

Vi 

CCU 

CM,: 

CCU 

CfcHu 

299.7 

532.0 


1110.1 


302.6 

529.0 

500.2 

1109.2 

1123.0 

313.9 

534.1 

502.1 

1103.7 

1119.1 

326.0 

533.4 

504.0 

1099.0 

1113.6 

337.7 

533.4 

504.0 

1092.4 

1106.1 

348.9 

533.2 

502.2 

1084.6 

1099.7 

359.7 

533.0 

500.3 

1075.9 

1088.2 


Shift values are in Hz from TMS at 90 MHz. 
Data from Jentschura and Lippert (1971a]. 


temperature. Similar results were obtained for propionic acid (PA) 
solutions. 

Table 17.4 gives thermodynamic parameters determined for acetic and 
propionic acid association from PMR measurements. The - AH? value for 
AA in CCU solution is in good agreement with the value of 10.7 kcal/mole 
for acetic acid dimerization determined from the IR measurements of 
Affsprung et al. [1964]. 

Table 17.4 


Room temperature thermodynamic values for carboxylic acid association*’ 



KA M 

•')x 10"’ 

-AH! (kcal/mole) 

- A Si (cal/deg mole) 

Solvent 

AA 

PA 

AA 

PA 

AA 

PA 

Cyclohexane 

7.5 

8.2 

12.5 

12.2 

23.4 

22.4 

CCU 

2.47 

2.85 

11.4 

11.1 

22.0 

20.8 


Data from Jentschura and Lippert [1971a,b]. 


Figure 17.6 shows the agreement between experimental and calculated 
chemical shifts for AA/C 6 H, 2 solutions. The assumption of only a 
monomer-dimer equilibrium appears to be valid below acid concentra¬ 
tions of —0.05 M. A concurrent chain polymer equilibrium does not 
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Fig. 17.6. Comparison of experimental and calculated OH proton shifts for dimerization of 
acetic acid in cyclohexane. Points are experimental. E. Lippcrt, unpublished work. 

appear to be significant below this concentration. The maximum in the 
carboxylic acid OH shift could, in the relative absence of dielectric, 
ideality and susceptibility effects, indicate the growing importance of a 
chain polymer equilibrium. Figure 17.7 compares the l3 C, ,7 0 and 'H shifts 
of acetic acid as a function of concentration. Both the l7 0 (10% enriched) 
and 'H shifts show a maximum whereas the ,3 C shift does not. 

It is of interest to consider the effects of the presence of small amounts 
of water on chemical shift data for carboxylic acids such as those in fig. 
17.5a,b. In the present work discussed on carboxylic acid association the 
dried components for the solutions were distilled directly into PMR 
sample tubes under red light with use of boric acid/acetic anhydride 
drying agents. In the presence of light the following reactions occur: 
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Fig. 17.7. "C, ”0 and 'H (OH) shifts of acetic acid as a function of concentration in CCL 

From Ziessow et al. (1971 ]. 

R -H + CC1, —^ RH + CCS + Cl*-* RCC1, + HC1, 

HC1 + ( CH, COhO-* CHjCOOH +_CHj_COC1. 

197.0 Hz 237.1 Hz 

The peak height of the acetyl chloride proton signal measured with 
respect to the height of one "C resonance of the anhydride at 262 Hz from 
TMS (90 MHz) is shown in fig. 17.8. 

Figure 17.9 shows spectra of CCL/H 2 0/acetic acid mixtures with and 
without added HC1. In the presence of HC1 the formalism of rapid proton 
exchange should be applicable. In that case the observed proton signal is 
the weighted average of the acid OH and HjO proton signals. Without 
HC1 both proton signals should be present. For certain relative concentra- 
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Fig. 17.8. Acetyl chloride production by UV irradiation of (CH,C0),0/CCl4. From 

Jentschura and Lippert [1970a]. 




Fig. 17.9. Spectra of acetic acid/HjO/CCL solutions with and without added HC1. From 

Jentschura and Lippert [1970a]. 


tion ranges of water and acetic acid one broad and one narrow line will be 
observed. 

In the rapid exchange case with no interference of the H z O with the 
monomer-dimer equilibrium the observed proton shift is given by 


Vobs 


CmVm + 2C w Vw 
C.+ 2Cw 


(17.16) 


with the symbols a and w representing acetic acid and water. With a 
known acid concentration and values of v, and i/ w the water content of a 
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known value of 3.5 x 10 ’ M. In the absence of HC1 the calculated H.O 
concentration varies over approximately one order of magn.tude through¬ 
out the above acetic acid concentration range. Figure 17.10 shows the 
chemical shift behavior for the above situations. The data of Parmigiana 
et al [1961] are included for comparison since these appear to be the only 
other authors who have attempted to measure PMR data for low 
concentrations of acetic acid in CCL. 



Fig 17.10. OH proton chemical shift of acetic acid/CCL. solutions containing 3.5 x 10 M 
H.O impurity with and without added HCI for rapid exchange. From Jentschura and Lippert 

[1970a). (O) Parmigiana et al. (1%1]. 

17.2.5. Water association in organic solvents 

Studies of the self-association of water in organic solvents are relatively 
few in comparison to similar studies of alcohols and carboxylic acids. 
References to much previous work are given in the review by Christian et 
al. [1970]. The paucity of studies is in part due to the fact that organic 
solvents without functional groups including oxygen or nitrogen, for 
example, dissolve only relatively small amounts of water. Solvents in 
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which appreciable concentrations of associated water exist are so 
reactive-in the H-bonding sense-that the water at low concentrations is 
probably best pictured as complexed with one or more solvent molecules. 

Proton and ,7 0 chemical shifts of H 2 0 in ammonia solutions have been 
measured by Alei and Florin [19691. PMR data for H 2 0 solutions up to 
14 M are fit well by assuming a monomer-dimer association for H z O with 
a K 2 of 0.013 M' 1 at 29.6°C. The ,7 0 shifts of H 2 0-NH, mixtures indicate 
a significant interaction of the ammonia protons with the water oxygen. 

Partition and PMR measurements were used by Odberg and Hogfeldt 
[1969] to study the molecular complexity of water in the organic solvents 
benzene, nitrobenzene and 1,2-dichloroethane. The PMR measurements 
showed a rather small degree of association in these solvents which could 
be attributed to water dimers or trimers. 

Cogley et al. [1972] have studied the association of water in propylene 
carbonate by PMR and IR techniques. These authors find that the 
association of water can be described by only a monomer-dimer equilib¬ 
rium up to H 2 0 concentrations of 3.5 molal with an enthalpy of dimeriza¬ 
tion of — 1.4 kcal/mole. The IR data show that the solvated water retains 
effective C 2v symmetry. 

Shaw et al. [1973] have studied the PMR spectra of water in chloroform 
solutions at several temperatures and water concentrations up to ca. 
0.05 M and also find that the small degree of water association can be 
described by a monomer-dimer equilibrium with an enthalpy of dimeriza¬ 
tion of - 1.8 kcal/mole. 

In contrast to some of the above studies several literature reports 
suggest the presence of water trimers or tetramers in various solvents (cf. 
Christian et al. [1970]). 


17.3. Studies of hydrogen bonded A: B complexes 

17.3.1. Errors in complex formation studies 

The determination of thermodynamic parameters for 1:1 H-bonded 
complexes by NMR studies is probably more prevalent in recent years 
than the use of any other technique. Although the technique is of wide 
applicability there are certain pitfalls which have only recently been 
recognized. We think it important to discuss situations which can lead to 
the calculation of invalid parameters for 1:1 complexes. 

A common practice in studies of 1:1 complexes is to use a fixed 
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concentration of H-bonding acid (A 0 ) and a varying concentration of 
proton acceptor (B°). The proton acceptor concentration is usually varied 
over rather wide ranges, sometimes to several molar, in an attempt to 
minimize errors in parameter determination (cf. Person [1965] an 
Deranleau [1969] for discussion of studies of charge-transfer complexes 
which also apply to H-bonded complexes). The assumption that the 
activity coefficient of the proton acceptor is unity over a wide concentra 
tion range is usually made. Hanna and Rose [1972] showed that this 
assumption could lead to serious errors in the case of the very weak 
benzene-caffeine complex. These authors used literature vapor pressure 
data to correct for changing benzene activity with concentration in CCU. 

There is usually little difficulty in obtaining accurate values of 1:1 
complex formation constants and H-bond shifts when K AB 3=10M 
because one may work at relatively low concentrations and effectively 
ignore activity coefficient effects. However, serious errors may be en¬ 
countered in studies of weak complexes where K A „= 10 M as in the 
example below. 

We assume the following equilibria: 


A° = Ca + KabCaCb. B " = C B + KabCaCb + 2JCb,C’b 
I’ob.(A) = [i-aCa + .A.KabC*C.P 
A 0 = 0.05 M(fixed), B°variesfrom0.2 Mto2.1 M 
i/ A = 0.5 ppm kab = 2.5 ppm K,»=I.0M ' K B , = 0.1M 


The observed chemical shift of the proton donor may be calculated using 
these parameters. We have assumed that the activity of the proton 
acceptor decreases slightly as a function of increasing concentration by 
some mechanism such as dipole-dipole association, for example, and we 
approximate this behavior with a dimerization constant of 0.1 M '. The 
calculated data may be tested-assuming only an A : B complex-by a plot 
of the Scatchard equation. 


(l/ ob , — v a )/B°= — Kab(.Vo^— Va) + KabIi’ab- Va). (17.17) 


Figure 17.11 shows that the Scatchard plot of the calculated data is a very 
good straight line. Determination of the intercept and slope give the 
following calculated values for (^b - i>a) and K AB compared with the true 


values: 


(fab-i'a) ppm Kab(M ') 

2.0 1.0 

1.75 1-11 


True 

Calculated 
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Aobs (ppm) 

Fig. 17.11. Scatchard plot-assuming presence of only an A: B complex of calculated data in 
which the proton acceptor activity is decreasing with increasing concentration. E. E. 

Tucker, unpublished work. 


This simple example shows that a small change in proton acceptor 
activity as a function of concentration leads to non-negligible errors in 
both Kab and (p a b- p a ) when the 1:1 formation constant is of the order 
of 1.0M Similarly, one can show that the effect of the presence of 2:1 
proton donor-acceptor complexes at rather low levels will also lead to an 
increased K AB at the expense of (p ab -e a ) before any curvature is 
detected in Scatchard- or Benesi-Hildebrand-type plots. 

17.3.2. Spectral-thermodynamic correlations 

One area of continuing interest in the field of H-bonding is that of 
correlating spectral and thermodynamic properties of H-bonded com¬ 
plexes. We will briefly discuss some recent work using NMR techniques. 

Gurka and Taft [1969] have shown that the fluorine chemical shift of 
p-fluorophenol provides an excellent quantitative measure of H-bonding 
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the phenol to numerous organic bases in CCL solution. Equilibrium 
constants and enthalpies determined for p-fluorophenol-base complexes 
bv the fluorine NMR method are in good agreement with thermodynamic 
parameters determined by IR and calorimetric measurements 

In accordance with previously observed linear free energy relationships 
by Taft and McKeever [1965] a linear relation was found between the F 
NMR shift and log K, for formation of p-fl uorophenol-base H-bonded 
complexes Figure 17.12 shows the good linearity between log K, and A, 
£ CoZ chemical shift on complexion, for a few bases selected a, 
random from the work of Gurka and Taft. 



A, ppm 

Fig. 17.12. The linear relation between log K, and A for p-fluorophenol-base H-bonded 
complexes. Numbers refer to corresponding bases listed by Gurka and Taft [ 1969). 


The above authors also concluded that the calculated fluorine chemical 
shift values were indicative of H-bond formation primarily with little 
evidence for H-bonded ion pair contributions. This conclusion is rein¬ 
forced by the fact that there was no direct relationship between aqueous 
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pK A s for the various bases and log K t for formation of the p- 
fluorophenol-base complex in CCL solution. 

Taft et al. 11969] extended the above work by foundation of a 
correlation between log K, for a given p-fluorophenol-base complex and 
log K, for complex formation between OH acids and the same base. 
Denoting log K, (p-fluorophenol-base) as pK„„ it was found that log K, 
for complex formation could be expressed as 

log K t = m (pKiie) + c, (17.18) 

where m and c are constants characteristic of solvent, temperature and 
reference OH acid. This correlation was found to hold for several 
alcohols including fluorinated alcohols, phenol and naphthol. 

The fluorine NMR technique has been used by Joris et al. 11972] to 
study complexes of p-fluorophenol with organic bases in aprotic organic 
solvents of varying polarity. Generally, log K t could be expressed by eq. 
(17.18) with different values of m and c for each solvent. Complexes with 
nitrogen-containing bases in the most polar solvents showed significant 
deviations from eq. (17.18). 

Several recent studies of weak complexes of chloroform with various 
organic bases have been reported. Slejko et al. (1972] have determined 
enthalpies for complex formation of chloroform with organic bases and 
find that no linear relationship exists between IR wave number shift on 
complexation and AH for the several bases of different types in this 
study. However, a linear relationship-excepting sulfide bases-was found 
between the proton chemical shift of chloroform on complexation and 
AH. 

Gramstad and Mundheim (1972] and Gramstad and Vikane [1972] have 
studied complexes of chloroform with phosphoryl compounds and with 
sulfoxides and N,N-disubstituted amides, respectively. The authors find 
linear relationships between AH for complex formation and the proton 
chemical shift of the complexed chloroform only for each type of 
complex, i.e., chloroform-phosphoryl complexes, chloroform-amide 
complexes or chloroform-sulfoxide complexes. 

17.3.3. NMR studies of vapor phase hydrogen bonding 

Bernstein and coworkers have shown the feasibility of determining 
thermodynamic parameters for vapor phase H-bonded complexes by use 
of PMR measurements. Govil et al. [1968] report an enthalpy of 
-7.1 kcal/mole for the vapor phase complex of hydrogen chloride and 
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dimethyl ether. This enthalpy is in reasonable agreement with previous 
tork using other techniques cited by Gov,I et al. Clague e, a l« 9 
reported enthalpy values for methanol self-association and the . 
complex methanol-trimethylamine from PMR studies of the vapor sys¬ 
tems The enthalpy value for the 1:1 complex of - 5.8 kcal/mole is 
somewhat smaller than enthalpy values reported for the same or similar 
systems in table 17.5. 


Table 17.5 

Reported enthalpies for vapor phase alcohol-amine complexes 


System 

-AH (kcal/mole) 

Method 

References 

MeOH-trimethylamine 

McOH-trimethylamine 

MeOH-trimethylamine 

MeOH-diethylamine 

McOH-triethylaminc 

n-butanol-n-butylaminc 

5.8 

7.1 

7.5 

7.3 

8.2 

8.9 

NMR 

IR 

Vapor Density 
Vapor Density 
IR 

Vapor Density 

Clague et al. (1969) 

Fild et al. (1970) 

Fildet al. (1970) 

Tucker(1969) 

Hirano and Kozima 119661 
Cracco and Huyskcns (I960) 


Proton and ,9 F magnetic resonance have been used by Hindermann and 
Cornwell [1968] and by Mackor et al. [1968] to study the self-association 
of HF vapor. The two investigations show qualitatively similar results 
although the calculated chemical shifts are not in very good agreement. 

17.3.4. Hydrogen bond structural information 

Several recent publications using NMR techniques have increased our 
knowledge of the electronic nature of the H-bond. Lim and Drago [1971) 
reported thermodynamic values for complex formation between several 
OH acids and a nitroxide-free radical base- 2 , 2 , 6 , 6 -tetramethylpiperidine- 
N-oxyl. The OH PMR shift of trifluoroethanol moved upheld in the 
presence of the free radical. Lim and Drago concluded that the upheld 
contact shift was indicative of a transfer of negative spin density to the 
hydroxyl proton via a spin polarization mechanism. Although a dehnitive 
conclusion could not be reached, Lim and Drago suggested that coordina¬ 
tion of the OH acid occurred primarily at the oxygen lone pair of the 
nitroxide group. The rationale behind this suggestion was the observed 
increase in the magnitude of the electron-nitrogen hyperhne coupling 
constant (An) as proton donors of increasing acidity were reacted with 
the free radical. Since complexation at the nitrogen of the free radical 
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would presumably result in a decrease in A N , Lim and Drago [19711 
concluded that oxygen coordination was the predominant effect. The 
increase of A n by Lim and Drago [19711 in their EPR measurements had 
also been previously reported by Hoffman and Eames [1969J. 

Very shortly after the report by Lim and Drago [1971], Morishima et al. 
[1971] published a study of 'H and ,3 C contact shifts of several proton 
donor molecules upon hydrogen bonding with di-ferf-butylnitroxide 
(DTBN). Upheld contact shifts were found for 'H resonances of 
methanol, chloroform and other proton donors. The n C resonances of 
these molecules shifted to lower field upon addition of DTBN thus 
indicating positive spin density on the carbon. 

More recently, Morishima et al. [1973J reported thermodynamic values 
for complex formation of DTBN with several proton donor molecules 
and, also, results of molecular orbital calculations of stabilization ener¬ 
gies, structures and spin densities for the several possible types of 
complexes of proton donor molecules with DTBN. The observed spin 
densities-positive on methanol carbon, negative on methanol OH 
proton-were qualitatively reproduced by a model in which the OH proton 
is directly over the pir orbital of the oxygen atom in the nitroxide radical 
but quantitative agreement of observed spin densities with calculated 
values required a substantial contribution of the structure involving 
H-bonding to the oxygen lone pair in the radical. 

Kabankin et al. [1973J have concluded that semiempirical treatments 
differing from those of Morishima et al. [1971] lead to results supporting 
the proton donor-oxygen lone pair complex primarily as opposed to the 
mixture model of Morishima et al. [1973]. 

There are obviously unanswered questions about the relative impor¬ 
tance of the several possible structures involved in these proton donor- 
free radical base complexes but the results of these investigations give 
important information about covalent contributions to the H-bond. 

Some other recent studies have emphasized electrostatic contributions 
to the H-bond. Proton NMR studies of bihalide ion equilibria in solution 
have been reported by Fujiwara and Martin [1972]. The proton shift in the 
chloro-, bromo- and iodo-homobihalide ions (HXJ) was shown to be 
approximately 13 ppm to lower field relative to the corresponding hyd¬ 
rogen halide. The equilibrium constants for formation of the bihalide ions 
were in the order which would be predicted by an electrostatic treatment, 
i.e., fC(HCU) > K(HBrJ) > fC(HIz). Theoretical considerations of the 
proton shielding in hydrogen halides and corresponding bihalide ions by 
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. _ .. fI Q 7 '>i showed a direct relationship between the 
SKTf.shielding wilh , dece.se in U 

density in the ion ecnpared to the molecule. ri- 

formation energies for bihalide ions was m good agreement w.th expe 

Bytirtue of^rybcaSwork Fujiwara and M^tin [ 1973 ] have been 
able to obtain HF coupling constants for fluor.nated b.hahde ions. J„, for 
HF 2 is approximately 120 Hz and is solvent and temperature independent. 
j„, for the heterobihalide ions (FHX) was found to be approximately 
400 Hz and also rather temperature and solvent independent. 

17.3.5. Solvent and temperature effects 

There is at the present time a great body of evidence in the literature 
concerning solvent effects on H-bonding equilibria^ For recent_reJerences 
the reader is referred to the review by Chr.st.an and Lane [1975]. It should 
be generally accepted that the equilibrium constant, enthalpy and PMR 
shift for the formation of a given H-bonded complex in dilute solution are 
functions of the particular solvent medium. It is usually true that 
thermodynamic parameters decrease in absolute magnitude through the 
increasingly polar solvent series vacuum, aliphatic hydrocarbon, CCL etc. 
for a given H-bonded complex in dilute solution. 

One solvent pair of interest is the hydrocarbon/CCL pair. Recent 
reports have proposed that CCL is not useful as a solvent for equilibrium 
studies of H-bonding because of a suggested tendency of CCL to function 
as a proton acceptor. Dixon [1970] suggested that the differences in the 
OH proton shift of methanol as a function of concentration in cyclohex¬ 
ane as opposed to CCL could be attributed to a specific H-bonding 
interaction of methanol with CCL. Fletcher [ 1969] concluded that similar 
alcohol-CCL H-bonding effects could explain concentration-dependent IR 
measurements of alcohol association in hydrocarbon and CCL solutions, 
respectively. However, the PMR measurements of Gramstad and Becker 
[1970] show no evidence for a specific phenol-CCL complex. These authors 
reported chemical shifts for complexes of phenol with phosphoryl and 
carbonyl acceptors in CCL and cyclohexane. The limiting chemical shift of 
monomeric phenol appeared approximately 0.2 ppm downfield in CCL with 
respect to cyclohexane. In the mixed solvent, cyclohexane/CCL, the OH 
resonance frequency of very dilute phenol was a linear function of CCL 
mole fraction thus giving no evidence for a phenol-CCL H-bonded complex. 

As pointed out by Christian and Tucker [1970], although the extent and 
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nature of solvent effects on H-bonding equilibria may be a subject of 
discussion, dilute solution formation constants-and presumably chemical 
shifts-for H-bonded complexes in CCL are neither superior nor inferior, 
thermodynamically, to corresponding parameters determined using hyd- 
rocarbon solvents. 

Muller and Reiter [1965] have shown that the PMR shift of a H-bonded 
proton should be a function of temperature due to H-bond length changes. 
There is as yet no generalized correlation of the magnitude of changes in 
H-bonded chemical shifts with temperature. Experimental measurements 
of the proton shifts on H-bonding for self-associated species or 1 :1 
complexes (cf. Gramstad and Becker [1970] and Jentschura and Lippert 
[ 1971 a,b]) show parallel effects of increasing solvent basicity or sample 
temperature causing an upheld shift of the H-bonded proton. The 
chemical shifts of nuclei affected by H-bonding but not directly par¬ 
ticipating, such as fluorine in p-fluorophenol (Gurka and Taft [1969]) and 
the =C-H carbon in phenylacetylene (Ziessow and Lippert [1970]), are 
relatively insensitive to temperature changes. 

Considering the strong probability that PMR chemical shifts for 
H-bonded species generally decrease with increasing temperature it 
would seem that enthalpies determined for dimer formation by the 
limiting slope method should be erroneously large in absolute value due to 
neglect of the temperature coefficient of the dimer chemical shift. 

17.3.6. Hydrogen bonding effects on shifts of ,5 N, ,4 N and ,3 C 

Paolillo and Becker [1970] have studied solvent effects on ,5 N chemical 
shifts of several ‘'N-containing molecules by use of double-resonance 
techniques. The relative effect of H-bonding on ,5 N shifts was found to be 
small compared to H-bonding effects on 'H resonances, i.e., the observed 
,5 N shifts were small compared to the total range of ca. 1000 ppm for ,3 N 
shifts. In l3 N molecules such as aniline and methylamine the observed ,5 N 
shifts generally moved to lower field as more basic solvents were used. 
However, the lack of a monotonic relationship of l5 N downfield shifts 
with increasing solvent basicity was interpreted as evidence for the 
importance of solvent effects not specifically involving H-bonding. A 
similar conclusion was reached by Litchman et al. [1969] in a study of 
solvent effects on the ,5 N shifts of ammonia. However, 'J N h of ,5 N-aniline 
was found by Paolillo and Becker [1970] to increase with increasing 
solvent basicity. 

Saito et al. [1971 a,b] report H-bonding effects on ,4 N chemical shifts of 
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pyrrole, indole and amides. In proton-accepting solvents the ,4 N shifts 
move to lower field paralleling 'H shifts. In proton-donating solvents the 
l4 N shifts of N-heterocyclic compounds were found by Saito et al [1973J 
to move to higher field in agreement with the results of Paolillo and 
Becker [1970] for the ,5 N shift of quinoline. Saito et al. [1971b] propose 
redistribution of 2 p, electrons at the nitrogen atom as the cause of the 
downfield “N shift on H-bonding of non-heterocyclic nitrogen-containing 

^H-boSing solvent effects on "C chemical shifts have been reported by 
a number of workers. 'Jch of chloroform was found by Evans [1963] to 
increase with solvent basicity. Lichter and Roberts [1970] showed that the 
”C chemical shift of chloroform moves to lower field with increasing 
solvent basicity. Maciel and Natterstad [1965] observed "C downfield 
shifts of the acetone carbonyl carbon with increasing proton donating 
ability of a series of solvents. 

”C shifts have been used to determine equilibrium constants for 
complex formation in one study. Ziessow and Lippert [1970] found that 
the ,5 C shift of the acetylenic carbon of phenylacetylene could be used for 
calculation of the formation constant for the phenylacetylene- 
hexamethylphosphortriamide complex in cyclohexane. Equilibrium con¬ 
stants from both 'H and ,J C measurements were in good agreement m 
accordance with the good linear correlation of the experimental 'H and "C 
concentration shifts. The calculated 'H and ”C shifts for H-bond formation 
were 2.10±0.01 ppm and 6.10±0.05 ppm, respectively, at 295.2 K. 


17.4. Special topics 

17.4.1. PMR STUDIES OF HYDROGEN BONDS IN BIOMOLECULES 

Due to the structural complexity of most biomolecules, information on 
H-bonds has generally been limited to studies of model systems. We may 
briefly outline some areas of interest by mention of a few recent studies. 

It has been possible to obtain information about the secondary struc¬ 
ture of small polypeptides from PMR measurements by distinguishing 
between intramolecularly H-bonded peptide protons and those peptide 
protons exposed to solvent. The article by Pitner and Urry [1972] gives 
reference to previous work in this area. 

Kan et al. [1973] have studied interactions between three penicillins and 
several nucleosides. A rather strong complex appears to form between 
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penicillin-G and guanosine, with a suggested structure involving 
two H-bonds. The equilibrium constant for formation of the 
guanosine-penicillin-G complex was found to be substantially larger than 
the formation constant for the guanosine-cytidine complex (in dimethyl- 
sulfoxide). Kan et al. concluded that penicillin-G can therefore effectively 
disrupt guanosine-cytidine pairs. 

Raszka and Kaplan [1972) have reported evidence for H-bonding 
between several 5'-ribonucIeotide pairs in water solution. Separation of 
the relative influences of H-bonding and base stacking continues to be a 
formidable problem. 

17.4.2. Importance of equilibrium thermodynamic information 
WITH RELATION TO SPIN-LATTICE RELAXATION MEASUREMENTS 
ON HYDROGEN BONDING SYSTEMS 

Relaxation studies of H-bonding systems by magnetic resonance 
techniques are covered by Hertz and Zeidler in ch. 21, therefore no 
extended discussion will be presented here. However, we think that 
results from studies of the equilibrium thermodynamics of H-bonding 
should be strongly emphasized in connection with measurements of the 
spin-lattice relaxation time (T■) for H-bonding solutes in nonpolar 
solvents. 

As in chemical shift vs. concentration studies of H-bonding systems, 
relaxation times will contain contributions from both monomeric and 
H-bonded species. It is quite difficult to ascribe changes in observed T,s 
to a particular H-bonded species and infer structural information unless 
one knows that only one species is present at the concentration levels 
employed. 

Ascertaining the number of H-bonded species present in a given system 
is particularly important in Ti determinations involving nuclei with low 
sensitivity such as ,J C. T x measurements utilizing ,3 C resonances of 
phenol in CCL solution have been recently reported by Levy [1972]. The 
minimum phenol concentration reached in this study was ca. 0.4 M. The 
near IR studies of Whetsel and Lady [1970) show that at this 
concentration in CCL* approximately 50% of the phenol is H-bonded and 
at least two different complexes are present. In the simplest possible case 
the observed T, in phenol-CCL solutions at 0.4 M phenol would be a 
weighted average of contributions from the monomeric species and two 
complexes. In order to measure a Ti which is essentially that of the 
monomeric phenol, solutions of at least an order of magnitude lower in 
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concentration would have to be employed. Similarly, in studies of 1 :1 
H-bonded complexes such as a phenol-ketone complex rather low 
concentration levels would have to be used to assure that the measured T, 
contained primarily contributions from the monomeric species and the 
1 : 1 complex. There are numerous IR studies (for example. Whetsel and 
Kaganse [1962]) which show that complexes involving more than one 
proton donor molecule become important at concentrations above a few 
hundredths molar. 
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Note added in proof 

We will attempt to provide some continuity for this chapter by a brief 
discussion of a few more recent articles which have appeared since the 
original literature survey was completed. 

Some articles concerning the use of "C NMR shifts in H-bonding 
studies are beginning to appear. Schroer and Lippert [1974] have used 
both proton and ,J C shifts to study the association of trichloroethylene 
with hexamethylphosphoramide in cyclohexane and they include a treat¬ 
ment of solvent effects (see discussion below). Nakashima et al. [1974] 
report thermodynamic data and chemical shifts for an assumed 1:1 
complex of phenol and acetone in CCL. The results are based on an 
analysis of the dilution shifts of the acetone carbonyl carbon in 1:1 
phenol-acetone mixtures. Our comments in section 17.4.2 are probably 
pertinent in view of the extended concentration range covered by 
Nakashima et al. [1974]. 

Limbach and Seiffert [1974] have used PMR shifts as a function of 
concentration and temperature to investigate the intra- and intermolecular 
H-bonding of N,N'-dipentadeuterophenyl-l-amino-3-imino-propene 
isomers in CS 2 . Pang and Ng [1974] have modified their earlier viewpoint 
(Pang and Ng [1973]) concerning the reliability of thermodynamic 
parameters derived from PMR measurements of multiple proton donors 
such as CH 2 CI 2 interacting with bases. 
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Proton and ,V F NMR contact shifts of fluorinated phenols and hexa- 
fluoroisopropanol with the free radical base 2,2,6,6-tetra- 
methylpiperidine N-oxyl have been reported by Cramer et al. (19751. 
These authors have suggested two alternative explanations for the 
non-Curie law behavior of such contact shifts. Von Dreele and Stenhouse 
[1974] have used both PMR and IR measurements in conjunction with 
deuterium exchange to more clearly distinguish between H-bonded and 
non-bonded peptide NH groups. Baron and Lumbroso-Bader [1975] have 
utilized PMR measurements to study complexes in several methylphenol- 
base-solvent systems. Fujiwara and Martin [1974] and Martin and Fuji- 
wara [1974] give further discussion and new data on H-bonding and 
coupling constants in bihalide ion systems. 

We would like to add a strong comment on the calculation of ther¬ 
modynamic parameters and chemical shifts for 1:1 complexes in which 
the proton donor is a hydroxylic compound such as an alcohol or phenol. 
It does not appear to be generally recognized that both the apparent K A n 
and the observed chemical shift can contain large contributions from 
complexes containing one base molecule and two or more proton donor 
molecules-even if the solution is reasonably dilute and an excess of base 
is present. In such systems the error in the assumed K A n is primarily 
dependent on the monomer hydroxylic acid concentration and the step¬ 
wise K for adding a second acid molecule to the 1:1 complex. For an ideal 
system with a fixed monomer acid concentration the error in K An 
produced by higher complexes is essentially independent of base concen¬ 
tration. A clear example of striking effects in an alcohol-base system has 
been presented by Tucker and Christian [1975]. 

The methods described in this chapter for elucidation of the concentra¬ 
tion dependence of NMR shifts are based on the assumption of the 
existence of a molecular association equilibrium between monomers and 
a hydrogen bonded complex in an isotropic and inert solvent. Such an 
assumption is normally quite good for reasonably dilute solutions where 
the solutes obey Henry’s law. In more concentrated solutions solute 
molecules are subject to a varying environment due to the increased 
probability of different types of molecular contacts. 

In the quasichemical approximation, the pair interactions (contacts) 
between atoms or functional groups (i, j) of molecules (A, B) are formally 
described by equilibria (Guggenheim [1952], Barker [1952], Becker et al. 
[1972], and Hagemark [1973]). The equilibrium constant is the Boltzman 
factor of the relative interaction energy AE„. 
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(NjwrNr=4 k, 

K = exp (— AE£ B /kT), AE, = E« - i(E, - Ei). 

Taking a full set of such contact equilibria, the excess function of 
thermodynamic properties in liquid mixtures may be calculated (Barker 
and Smith [1954], Dacre and Benson [1963]). The method has been used to 
determine A E» from the concentration dependence of the 'H-NMR 
solvent shifts in hydrogen bonded systems (e.g. water/acetone, 
water/dioxane by Satake et al. [1966]; phenol by Kimtys et al. [1973]; and 
butylamines by Schug and Chang [1971]). In a statistical treatment given 
by Schroer [1974a] the probability of a certain contact is the product of a 
term depending on the size of the molecular or group surface and a 
second term which is a temperature dependent distribution function 
obtained by Lagrange variation under specified conditions reflecting the 
solution composition. 

This model is used to describe solvent shifts of different nuclei in 
acrylonitrile and related compounds caused by interactions with organic 
bases (Schroer and Lippert [1974, 1975a, b]). The experimental associa¬ 
tion shifts agree with results from CNDO calculations, thus giving 
evidence of changes in the electronic structure as might be expected on 
the basis of chemical reactivity. The characteristic mean values of the 
energy of group interactions, £.,, have been obtained from ther¬ 
modynamic and NMR spectroscopic data for hydrocarbon, chlorinated 
hydrocarbon, ether, alcohol and carbonyl functional groups in several 
compounds (Schroer [1973, 1974b]). By calculating heats of vaporization 
and excess functions the characteristic mean values of the energy of 
group interactions, E„, have been found to be consistent. 
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18.1. Introduction 

Whereas nuclear magnetic resonance (NMR) has been known for a long 
time as an excellent tool for the study of H-bonding in liquids its 
application to the study of H-bonds in solids has been, until recently, 
severely limited (W. C. Hamilton and J. A. Ibers, Hydrogen Bonding in 
Solids [1968J). This is mainly due to two facts: 

(i) The nuclear dipole-dipole coupling in solids is not averaged out by 
molecular motion as in liquids. The NMR absorption lines are therefore 
rather broad and normally preclude the observation of such interesting 
effects as the chemical shift etc. 

(ii) Since the lines are broad, the signal to noise ratio in solids is lower 
than in liquids. The observation of the spectra of nuclei with a low 
gyromagnetic ratio or a low natural abundance-like n C, *'N, ,4 N, D or 
l7 0-has thus often been rather difficult, if not impossible. 

It is only recently with the advent of new techniques-like high 
resolution NMR in solids and various double-resonance methods as well 
as with the availability of commercial NQR spectrometers-that the full 
potential of the magnetic resonance technique can be applied to the study 
of H-bonding in solids. In the present chapter we shall focus our attention 
mainly on these newly developed fields, and shall discuss: 

(a) Deuteron ,7 0, ”C1, ,4 N and 75 As quadrupole coupling studies of 
H-bonds in solids (section 18.2). 

(b) Wide line and high resolution NMR of H-bonds in solids (section 
18.3). 

(c) Electron paramagnetic resonance (EPR) and electron-nuclear 
double-resonance (ENDOR) studies of H-bonds in solids (section 18.4). 

In the first part of section 18.2 the main emphasis is on the relation 
between the length of the H-bonds and the deuteron quadrupole coupling 
constants. The possibilities of deuteron magnetic resonance for a study of 
H-bond dynamics are discussed as well. 

In the second part of section 18.2 the nuclear quadrupole resonance 
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studies of ,7 0 and ,4 N nuclei taking part in H-bonding will be reviewed. 
These studies have been made possible by the use of double-resonance 
techniques where the “strong” NMR signal of the A spin system-usually 
'H-is used to detect the “weak” nuclear resonance of the B spins ( ,7 0, ,4 N 
etc.). The use of ,5 C1 and 7 'As NQR for the study of H-bonding will be 
discussed as well. 

In the first part of section 18.3, the use of NMR dipolar lineshape and 
second moment studies for the location of the proton and the determina¬ 
tion of the geometry of the H-bonds in various simple molecular groups 
like H 2 F 3 , H,0 etc. is reviewed. The possibilities of the newly developed 
high resolution NMR in solids technique-where the dipolar width is 
removed not by thermal motion as in liquids but by pulsing the applied 
radiofrequency field in a certain well-defined manner-is discussed in the 
second part of this section. Using this technique, it is possible to 
determine not only the isotropic chemical shift as in liquids but the 
complete chemical shift tensor, thus vastly increasing the amount of 
information on the nature of the H-bond one can extract from such 
measurements. Both proton and carbon-13 chemical shift tensor determi¬ 
nations will be reviewed. 

In section 18.4 the use of EPR and ENDOR techniques for the 
determination of the nature and dynamics of H-bonds is illustrated on the 
example of the AsOS center in KH 2 As0 4 . The measurement of the proton 
contact coupling constants is used to gain information on electron spin 
densities transferred from the radical to the H-bonded proton. As the 
proton can occupy two equilibrium sites in the H-bond-one “close” and 
one “far” from the radical-this information is obtained as a function of 
the proton position in the H-bond. 

18.2. NQR studies of hydrogen bonds in solids 

18.2.1. Quadrupole coupling and electronic structure 

The electric quadrupole moment of the nucleus is different from zero only 
if the spin / of the nucleus is larger than 1/2. [J('H) = J('*F) = 1/2, 
/( 2 H) = 1, /( ,7 0) = 5/2, 7( ,4 N) = 1, /( 35 C1) = 3/2 etc.] It is defined as 

Q = jj(3z 2 -r 2 )p(r)d 3 r, (18.1a) 

where p(r) is the charge density inside the nucleus. The quadrupole 
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moment interacts with the electric field gradient (EFG) tensor V* at the 
nuclear site: = a 1 Vl3x, to. < 181b > 

y* is thus defined as the second derivative of the electric potential V 
with respect to the coordinates of the nucleus under consideration. In the 
principal axes (x, y, 2) system of the EFG tensor the quadrupole coupl.ng 
Hamiltonian can be written as 

= [e J <lQ/4/(2/ - DK3/J - /(/ + 1) + MU + / -))> (18 2) 

where = and where |V„l *\V„\ »| V-J. 

The asymmetry parameter r, which measures the deviation of the EFG 

tensor from axial symmetry is given by 

V„ - Vg ( 18.3a) 

v V„ 

and the quadrupole coupling constant which measures the deviation of 
the charge distribution around the nucleus from spherical symmetry is 
defined as 

e'qQlh = eV„Qlh, eq = V„. (18.3b) 

Let us now briefly discuss the interpretation of eq and q in terms of the 
electronic structure of the chemical bond following the work of Townes 

and Dailey [1949]. . 

A charge -e at a distance r from the nucleus produces a potential 
V = -elr and gives the following contribution to the z-component of the 

EFG tensor: /1Q « 

V„ = - e(3 cos 2 $ - 1 )/r\ (18.4) 

The expectation value of V„ for an electron in an orbital <f> is: 

eq = (V„> = —ej <*>“[(3 cos 2 - l)/r 5 ]<*> d V. (18.5) 

Here r is the distance of the volume element d V from the nucleus and 
is the angle between r and the z-axis of the EFG tensor. The molecular 
orbitals i fa can be written as linear combinations of atomic orbitals <t>i of 
all the atoms in the molecule: 


«/>. = 2 a ^i- 


( 18 . 6 ) 


The z-component of the field gradient at the site of the nucleus A 
produced by an electron in the ith molecular orbital is (q z )t . The total field 
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gradient at A is obtained by summing these one-electron contributions 
over all molecular orbitals and adding a contribution (q ; ) nucle , from the 
charges of all other nuclei in the molecule: 

4? = 2 W(q?), + (q*)nuck.. (18.7) 

Here N, is the number of electrons in the molecular orbital </r,. The 
one-electron contributions (q t ), can be expressed within the LCAO-MO 
approximation ( 18 . 6 ) as 

(q?). = SS aia-q*. (18.8) 

where 

q ik = J <t>;V„4» dV. (18.9) 

Within the framework of the LCAO-MO approximation, expressions 
(18.7-18.9) provide an exact description of the field gradient of an 
isolated molecule. In view of the computational difficulties involved in 
evaluating these expressions several approximations are usually made. 

Owing to the l/r‘ factor the electrons closest to the nucleus make the 
most important contribution to the field gradient. Townes and Dailey 
[1949] suggested that the largest contribution to ( q t ), comes from atomic 
orbitals centered on A. In view of the mostly spherical symmetry of the 
core orbitals only the valence orbitals need to be considered. Neglecting 
cross terms between the valence orbitals on A we get: 

= z a U u - (18.10) 

By virtue of their spherical symmetry, s-orbitals do not contribute to ( q z ),. 
Taking into account expression (18.5) we see that the f- and d-electrons 
contribute much less than the p-electrons. Thus 

(<?,). = alq x x + a \ q \+ a \ q \ 9 (18.11) 

where 

q* = j P*V„p fc dV, k = x , y 9 z . (18.12) 

The quantities al are the weights of the p k orbitals in the MO orbital, 
describing the bond. If one can further neglect the (q* )„ uc i«i term one gets: 

<?/<?p = 2 N,[a; i -5(a5 1 + a 2 *)], {q/qJv = §2 a 2 y .,). (18.13) 

i i 
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Here q, is the z-component of the field grad.ent due to 
Selection. We thus need to know the total occupancy of each of the three 
p-orbitals of atom A to describe the quadrupole coupling constant and 
asymmetry parameter within the Townes-Dailey approbation. 

This simple approximation works surprisingly well in many cases. In 
methyl chloride, for example, the C-Cl bond can be, following Schempp 
and Bray [1970], described as a sp, hybrid having a population of 
b-electrons and A 2 s-character. The non-bonding orbitals hold two elec¬ 
trons each. The normalized orbitals can be written as: 


b: = As + (1-A , )'"p, 

2: i/>j = (l — A l ) ,n s—Ap, 
3: <pj = p. 

3: i !>• = p,- 


The “Cl quadrupole coupling constant and z-component of the field 
gradient are now obtained as 

qlq, = (2-b)( 1-A’). 

The field gradient is the lower the larger the amount of s-character mixed 

into the hybrid. For an ionic Cl", b = 2 and q = 0. 

The Townes-Dailey approximation is, however, unable to describe the 
observed deuteron quadrupole coupling in such simple molecules as HD 
or DC1. The ab initio calculation of the deuteron quadrupole coupling 
constants by Harrison [1968] has shown that the nuclear contribution 
which is neglected in the Townes-Dailey treatment-is for the 
deuteron case in fact larger than the electronic contribution. The agree¬ 
ment between the average force constant (divided by the electronic 
charge) for the C-D bond and the electric field gradient is very good as 
predicted by Salem [1963] for diatomic molecules (see table 18.1). 


18.2.2. Deuteron quadrupole coupling 

18.2.2.1. Relation between the deuteron quadrupole coupling constant 
and the strength of the hydrogen bond 

A relatively large number of deuteron quadrupole coupling constants 
(DQCC) have been determined for H-bonded crystals in the last few years. 
The precision of this determination and the sensitivity of the DQCC for 
even small variations in the H-bond strength and potential are such that 
these constants are believed to be one of the most valuable experimental 
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quantities (table 18.2) characterizing a hydrogen bond (Chiba (1964] and 

Blinc and Hadzi [1966]). ... . . 

Most of the information on DQCC was obta.ned by quadruple 
perturbed NMR in deuterated single crystals. It was only recently that 
results on unenriched polycrystalline samples were obta.ned by double- 
resonance techniques. 

The relation between the point symmetry of the deuteron site and the 
form of deuteron EFG tensor is illustrated in table 18.3. The quadruple 
coupling is zero, if the deuteron site has cubic symmetry. 

The deuteron EFG tensor is practically completely determined by the 
nature of the O-D -O bond. The influence of the rest of the molecule 
and the crystal field effects are rather small. 


Table 18.3 

Relation between the point symmetry of the nuclear site and the 
form of the EFG tensor at this site 


Point symmetry 
of nuclear site 

EFG tensor 

1 or T 

No restrictions 

2 or 2 

One of the principal axes is parallel to the 
2 -fold axis 

m 

One of the principal axes is perpendicular to 
the mirTor plane, whereas the other two lie 
in the plane 

3,5.4.4,6.6 

EFG tensor is axially symmetric (17 = 0) and 
the largest principal axis is parallel to the 
rotation axis 

Cubic 

All elements vanish 


Chiba [1964] was the first to notice that the DQCC markedly decrease 
with decreasing H-bond length R 0 o, i.e. with increasing H-bond strength. 
A proportionality between the DQCC and the square of the v Q n stretching 
frequency was pointed out by Blinc and Hadzi [1966]. The decrease in the 
DQCC with increasing H-bond strength is to be expected according to the 
calculations of Weissman [1966] who showed that, with increasing 
strength of the Oi-H • • 0 2 hydrogen bond and consequently with increas¬ 
ing 0,-H distance, the positive contribution of the O t nucleus to q 
decreases faster than the negative contribution from the electrons and the 
0 2 nucleus. 
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Some experimental results (table 18.2 and data from Blinc and Hadzi 
[1966]) are compared with the calculated values in fig. 18.1. The values of 
the deuteron quadrupole coupling constants vary from 314 kHz for a free 
water molecule (HDO) to 56 kHz in the K-H maleate ion and 55.4 kHz in 
KD(CF 3 COO) 2 where the H-bonds are symmetric (Ko-o = 2.43-2.44 A). 
The EFG tensors are not axially symmetric around the bond direction. 
The asymmetry is relatively small (r, =0.1) except for symmetric H- 
bonds, where it is rather large. The anomalous increase in r/ for 
symmetric H-bonds reflects the fact that it is the magnitude of the largest 
principal axis of the EFG tensor which is most affected by H-bonding. 

With the exception of the case of symmetric H-bonds, the above DQCC 



r 3 ui 


Fig. 18.1. Deuteron quadrupole coupling constants (DQCC) of H-bonded crystals as a 
function of the length R(O --O) of the H-bond. The circles are experimental values, 
whereas the squares are theoretical values obtained by using the bond distances from the 
Lippincott-Schroeder model (Olympia and Fung 119691). 




841 


MAGNETIC RESONANCE STUDIES IN SOLIDS 


can be fitted with the following empirical relation (Soda and Chiba [ 1969]) 
e’qQlh (kHz) = 310-(3x 190.6)/RJ(A), (18.14a) 

which expresses the DQCC in terms of the distance R betweeniD and the 
indirectly bonded oxygen [Jfc-H-O]. The factor 190.6 is the DQCC 
due to a unit charge 1 A apart from D. The failure of this relation for 
symmetric H-bonds stresses the fact that it is the R, - R(O-H) distance 
rather than the R, = R[H - 0] distance which primarily determines the 

deuteron quadrupole coupling constant. 

Hunt and Mackay [1974] have recently reinvestigated the relation 

between the O-D - O DQCC and the D.O distance for relatively 

weak H-bonds. Their data can be best fitted by the relation 

e'qQlh (kHz) = 328 - 643/RS (A) (18.14b) 


which in contrast to eq. (18.14a), predicts a DQCC of 328 kHz for an 
isolated O-D bond (R=-»). The same authors have also found a linear 

relation between the N*-D.O DQCC and \IRl: 

e'qQlh (kHz) = 253 - 572/Rj (A). (18.14c) 

The above relation predicts a DQCC of 253 kHz for an isolated N -D 


group. 

It is also important to note that the coupling constants of deuterium 
involved in an O-D - Cl or an hT-D — Cl bond are considerably below 
those expected for an O-D • • • O or NT-D • • • O bond of the same length. In 
L-glutamic acid HC1, for instance, the O-D --Cl DQCC is 187 kHz and 
the two N*-D- • - Cl DQCC 158 and 163 kHz (Hunt and Mackay [19741). 
The corresponding 0-D---0 DQCC would be around 255 kHz and the 
N"-D • • • O DQCC around 190 kHz. 

The theoretical values for the DQCC shown in fig. 18.1 were obtained 
by Olympia and Fung [19691 using the simple model of Weissman [1966]. A 
linear 13-electron 0,-D---0 2 system has been considered where the 
oxygens carry the charge +6. Nine electrons are assumed to be in 
tetrahedral hybrids and four in molecular orbital bonds, constructed with 
sp 3 hybrids. The R\ and R 2 values were derived from the one-dimensional 
Lippincott-Schroeder model [19551- The agreement is relatively good for 
weakly H-bonded systems. With the actual experimental bond lengths for 
solid D 2 0 (R, = 1.01 A, R< o o» = 2.76 A) the calculated DQCC is 219 kHz 
in very good agreement with the experimental value 215 kHz. 

Saucer et al. [1971] have made a theoretical estimate of the DQCC in 
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crystals with symmetric H-bonds using the INDO semiempirical SCF 
method (Pople et al. [1967]). The results obtained for the hydrogen 
maleate ion are reproduced in table 18.4. 

Whereas the agreement between the theoretical and experimental value 
for the DQCC is good enough, the asymmetry parameter tj is off by a 
factor of two. This result shows that the deuteron EFG tensor is indeed a 
very sensitive indicator for the correctness of the theoretical models for 
the H-bond. The models and methods used so far for the determination of 
the EFG tensor at the deuteron site are apparently not quite satisfactory 
and cannot describe the experimental data in their whole complexity. 


Table 18.4 

Comparison between the calculated (Saucer et al. [1971]) and the experimental deuteron 
quadrupole coupling tensor in the KH maleate ion 



Calculation for 
the crystal 

Calculation for 
the molecule 

Experimental 

value 


e'qQ/h (kHz) r, 

e'qQlh (kHz) r, 

e'qQlh (kHz) r, R 0 0 (\) 

Maleate 

acid 

52.17 0.203 

51.80 0.236 

56 0.53 2.437 

anion 





18.2.2.2. The potential surface and deuteron dynamics 

One of the most important problems in hydrogen bonding is the experi¬ 
mental determination of the potential surface. This problem remains 
unsolved (Blinc and Hadzi (1966J) and even the differentiation between a 
single symmetrical minimum and two closely spaced minima is not 
simple. Deuteron quadrupole perturbed magnetic resonance and relaxa¬ 
tion offers one of the best approaches to this problem. In most cases it 
helps us to distinguish: 

(i) between a symmetrical single-minimum and a double-minimum type 
potential, 

(ii) between a dynamic and a static hydrogen disorder in case of a 
double-minimum type potential. 

In addition it may allow us 

(iii) to determine the frequency spectrum of the deuteron motion 
between the two equilibrium sites in case of a dynamic deuteron disorder. 
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c nc h conclusions are based on: . . , , 

l) the magnitude of the DQCC and the direction of the principal axes of 

the deuteron EFG tensor, a 

(ii) the temperature dependence of the deuteron EFG tensor and 

(iii) the magnitude and temperature dependence of the deuteron 
cnin-lattice relaxation time T,. 

The short H-bond in triglycine sulphate (TGS) is a good * 

this Its Ro o distance is 2.44 A, which .s the same as in KH ma eate 
(Hnshinoetal [1959]). The latter has a symmetrical H-bond and e qQlh 
SSfcti.e«a. lor tte form., «■*?/» - 78.8 kHz. In TGS .he DQCC « 
thus Significantly higher than in the KD maleate ion although the Ro- o 
distance is the same. This indicates a shorter O-H distance in TGS and thus 

a non-central position of the deuteron. 

In KH 2 PO 4 type crystals, where Ro o is about 2.48 A and the O H 
distance about 1.07 A, the DQCC are still higher (Bjorkstam and Uehling 
119591 and Blinc et al. [1971b]). 

The values of the DQCC for various members of the KH ? P0 4 family 
aK ree with each other within 1.5% demonstrating that the double¬ 
minimum type potential surface is practically the same in all these 
compounds. The slight (5-7%) increase in e'qQlh in the low temperature 
ferroelectric phase is consistent with an increase in the O-D-O and a 
decrease in the O-D bond length as suggested by X-ray studies (Frazer 
and Pepinsky [1953]). The increase is much too small to account for a 
change from a symmetric single-minimum to a double-minimum type 


potential surface. ... , 

Another important criterion is the direction of the principal axes of the 
deuteron EFG tensor. Experiments have shown (Chiba [1964]) that in 
0-D --0 bonds the largest principal axis (V„) of the EFG tensor 
practically coincides with the direction of the 0-D---0 bond. The 
intermediate component V yy is normal to the X^°" D plane, formed by the 
deuteron, its nearest oxygen atom, and the corresponding X atom to 
which the oxygen is bonded. In KH 2 P0 4 type crystals the thus predicted 
angles between the normals to the X^°" D planes and the crystal z-axes 
are ±40° for a double-minimum type potential surface and 0 ° for a 
symmetric H-bond with a central location of the deuteron. As it can be 
seen from table 18.5 the experimental values for T < T c are ±35° for 
KD 2 P0 4 , ±34° for KD 2 As0 4 and ±33° for CsD 2 As0 4 in good agreement 
with the theoretical values for a double-minimum type potential. 



Table 18.5 

Principal values, eigenvectors, and angles between the X-bond deuteron quadrupole coupling tensor eigensystem and the 
x, y, z crystal axes system in KD,P0 4 , KD 2 As0 4 and CsD,As0 4 (Blinc et al. [1971b]). 
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The temperature dependence of the deuteron EFG tensor may also 
nmvide important information on the nature of the O-D-O potential 
surface In symmetric single-minimum type potential fields the deuteron 
EFG tensor should be-except for the small effect of latt.ce 
vibrations-independent of temperature. In double-minimum type poten¬ 
tial fields, on the other hand, a significant temperature dependence is 
expected At high temperature the deuterons are expected to move 
between the two equilibrium sites with a correlation frequency which is 
large as compared to a “critical" frequency which is given by the 
difference in the deuteron quadrupole frequencies between the two sites 
and is usually of the order of 10’ Hz. The deuteron thus “sees" an 
effective, time-averaged EFG tensor. At lower temperatures, on the other 
hand, the deuteron motion may either become slow as compared to the 
“critical" frequency or the double-minimum type potential may become 
asymmetric as a result of a structural-usually ferroelectric or 
antiferroelectric-phase transition. In both cases we expect for a double¬ 
minimum type potential a significant temperature dependence of the 
deuteron spectra, which is caused by a rotation of the two smaller 
principal axes of the EFG tensor without a change in magnitude of the 
axes. If, on the other hand, a symmetric single-minimum potential would 
change into an asymmetric one, one would expect a change not only in the 
direction but also in the magnitude of the principal axes. 

The temperature dependence of the deuteron quadrupole perturbed 
NMR spectra in KD 2 AsO« is shown in fig. 18.2. There is an abrupt change 
in the spectrum at the ferroelectric transition temperature. As it can be 
seen from table 18.5, the “paraelectric" deuteron EFG tensor is an 
average of the two “ferroelectric" ones. The deuterons are thus moving 
above T c between the two equilibrium sites in the O-D • ■ • O bonds with a 
frequency which is larger than the quadrupole splitting frequency. The 
transfer of the deuteron from one equilibrium site in an O-D • • • O bond to 
another is thus accompanied by a rotation of the two smaller principal 
axes of diagonalized EFG tensor, without a change in the magnitude of 
these axes. This is equivalent to a change in sign in one of the off-diagonal 
elements of the EFG tensor in a non-principal axes frame. 

The variation of the “critical" off-diagonal element of the deuteron 
EFG tensor with time is determined by the time variation of the 
normalized O-D -O electric dipole moment p,: 


= ?[1 + Pi(0]<£k( 1) +j[l — Pl(0]<f>K(2), 


(18.15) 
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HO 160 180 200 220 210 260 

T IK) 

Fig. 18.2. Temperature dependence of the quadrupole perturbed deuteron NMR spectra in a 

KD.AsO, single crystal (Blinc et al. 11971b)). 


where 4>k(\) refers to the “right" and <t>*(2) to the “left" off-center 
equilibrium site in the hydrogen bond. Expression (18.15) can be rewritten 


as: 

<t>K(t) — <t> o + Ap(f), 

(18.16) 

where 


<<>o = }[<<>k(1) + <*>k(2)] 

(18.17a) 

and 


A =5[4>K<l)-<f>K(2)] = iA<f>K. 

(18.17b) 


As the deuterons “see" only the time-averaged value of <^ K (f) above T c 
and the time-averaged value of p(f) is zero in the paraelectric phase, 
(pit)) = 0, we get for 

T > T c : <<*>k( 0> = <*>o (18.18a) 

and the deuteron EFG tensor is independent of temperature above T c . 
Below T c , we find 

T < Tc’ (<t>K(t))= <t>o+ A(p) (18.18b) 

and the temperature dependence of the deuteron lines is proportional to 
the order parameter <p) (i.e. to the spontaneous polarization in case of 
ferroelectrics). 
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The information which can be obtained from the deuteron spin-lattice 
relaxation time measurements is even more quantitative. If this method is 
combined with static deuteron EFG measurements the rate of e 

deuteron intrabond motion can be obtained. 

In case of symmetric H-bonds the deuteron T, is only weakly depen¬ 
dent on temperature. The spin relaxation mechanism is the Raman or 
anharmonic Raman process and usually 


T, * T 


(18.19a) 


if the temperature is higher than the Debye temperature. In the case of a 
double-minimum type potential as in KH.PO., on the other hand, a much 
stronger critical temperature dependence is expected 

^rf « ll8 ' 19W 


as indeed found in KDiPO. (fig. 18.3) and other H-bonded systems 
undergoing an order-disorder transition. 

The relation between the deuteron spin-lattice relaxation time T, and 
the deuteron intrabond correlation time is straightforward. 

If all deuteron energy levels are equidistant T,' = P. + 2P, where the 
deuteron spin transition probabilities for the Am = ± 1 and the Am - ±2 
transitions are 

Pi = i(e 2 Q 2 lh 3 )J"'(w), (18.20a) 

P 2 = l(e*Q’lh 7 )J m (2<o). (18.20b) 

Here J(,to) is the spectral density of the EFG tensor fluctuations due to 
deuteron intrabond motion at the Larmor frequency to: 


J ,K \Kto) = J <d> K (0)<f>K(t)> exp {iKwl ) dt (18.21a) 

with K = 1,2. 

The EFG tensor components are to be evaluated in the laboratory 
system with the direction of the applied field taken as the z-axis: 

c/) : i = </>«.- — ( 18 . 21 b) 

</>=2 = K <t>** - <t>yy ± *<£«>)• ( 18 . 21 c) 


The variation of <f> K 
have 


with time is given by expression (18.16) so that we 
J (K \K<o ) = 5(A</>k ) 2 jx(Kco), 


(18.22a) 
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Fig. 18.3. Temperature dependence of the dcuteron spin-lattice relaxation time in KD.PO* 

(Blincet al. (1971b)). 


where 

j K (Kto) = J <p,(0)p,(f)> exp(i«Kr)d». (18.22b) 

The spectral density of the EFG tensor fluctuations is thus determined by 
the spectral density of the polarization fluctuations, which in turn can be 
related by the fluctuation dissipation theorem to the imaginary part of the 
wave number dependent generalized susceptibility *(<?, K): 

j K (Ka>) = (2 /«)(77C)N" 2 x"(<J. *<■>). (18.22c) 

Here C is the Curie-Weiss constant, N the number of unit cells, and 
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COT q 




(18.23a) 


with 


_ T _ 

T ‘ l ~ T T-TM)(\-p 1 y 


(18.23b) 


IT (a) = J(q) is the F° urier transform of the hydrogen bond-hydrogen 
hond interaction constant. Since J(q) and *(«.<>) can be measured by 
neutron scattering, the only unknown quant.ty is the nor '-'" ,er ^ c ' l " e 
deuteron intrabond jump time r. Using neutron scattering and NMR data 

one finds for KD 2 PO 4 


in relatively good agreement with the non-interacting dipole correlation 
time obtained from the dielectric relaxation data (Hill and Ichiki [1962]). 


18 2.3. ”0 NQR AND NUCLEAR-NUCLEAR DOUBLE RESONANCE 

In trying to elucidate the properties of non-deuterated hydrogen bonded 
substances it is often desirable to measure the NQR spectra and nuclear 
spin-lattice relaxation times of nuclei (like ”0, ,4 N etc.), the NQR spectra 
of which cannot be detected by conventional methods because of a too 
low NQR frequency, a too small natural abundance or a too broad 
resonance line. In such a case double-resonance methods-as first intro¬ 
duced by Hartmann and Hahn [1962] and later by Lurie and Slichter 
[1964]- are the only way to obtain the desired information. 

Double resonance is a trigger detection method which uses the "strong 
NMR signal of the A spin system to detect the “weak" nuclear resonance 
of the B spins. The method is based on the fact that if certain conditions 
are met, the effect of a radiofrequency perturbation of the B system can 
be transferred to the A system via the A-B dipole-dipole coupling, 
integrated and detected as a change in the NMR signal of the A spins. 
Whereas the optimum sensitivity of conventional NMR or NQR is about 
10" 1 spins/cm 5 at room temperature, the optimum sensitivity of double¬ 
resonance techniques lies between I0 ' 4 and 10‘" spins/cm . The transfer of 
the r.f. perturbation will be maximized if the separation between the 
energy levels of the B spins (in the frame in which the B spins are 
quantized) exactly matches the separation between the energy levels of 
the A spins in the frame in which these are quantized. Depending on the 
representation in which the resonance transfer of the r.f. perturbation is 
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performed, we may distinguish: 

(a) double resonance in the rotating frame, 

(b) double resonance in the laboratory frame and 

(c) double resonance between the laboratory and the rotating frame. 

In case (a) the experiment is performed in a high applied magnetic field 

and single-crystal samples are required. The techniques (b) and (c) are 
two-field methods, where the resonance energy transfer occurs in a zero 
(or small) external field and the change in the A spin signal is detected in a 
large applied field. Since the B spectrum is irradiated in a zero or low 
external field, powder samples can be used. 

The sensitivity of the electric field gradient to small changes in the 
electronic structure makes ,7 0 NQR an ideal tool for the study of 
O-H - O hydrogen bonds. In undeuterated systems, the rather young 
field of ,7 0 NQR is beginning to play a similar role as deuteron NQR in 
0-D **0 bonds. In deuterated systems, on the other hand, a knowledge 
of the EFG tensors at both the oxygen and the deuteron sites should allow 
for a uniquely accurate characterization of the 0-D---0 bonds. 

The effect of H-bonding on the ,7 0 quadrupole coupling tensor is 
illustrated in table 18.6. Examples of ,7 0-H** 0 quadrupole coupling 
constants are given both for a strong and a weak H-bond as well as for a 
comparable non-H-bonded system. The case of symmetric H-bonds has 
so far not yet been studied with ,7 0 NQR. Similarly as in the deuteron 
case, the ,7 0 quadrupole coupling constants decrease with increasing 
strength of the H-bond. The ,7 0 EFG tensor is-as the deuteron one-not 
axially symmetric around the direction of the chemical bond. The 
asymmetry is, however, much larger than in the deuteron case. 


Table 18.6 

”0 quadrupole coupling constants and O-H • • • O hydrogen bonding 




9 

6 

w 

r( ,7 0-H) 

e'qQlh 


H-bond 

Compound 

(A) 

(A) 

(kHz) 

V 

-r 

HD''0 gas 

+ 

0.96 

10.17 MHz 


Weak 

Ice I 

2.76 

1.01 

6.525 


Strong 

KH 2 PO4<T> 7\) 

2.48 

1.07 

5.16 


Strong 

KHjPO* (T < T«) 

2.49 

P’O-H • O 

T4.85 

0.18 




l”0.H-O 

15.96 

0.72 
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. e i, can be seen from the above table 18.6. the ,7 0 quadrupole coupling 
,ln. in ice (Edmonds and Zussman 11972]) is very different from that 
related H-O molecule (Verhoeven et al. [1969]). A calculate of 
T electee field gradient at the "O sites in ice (Gornostansky and Kern 
M 97 ,]) has shown that it is relatively insensitive to the geometry but very 
Sensitive to exchange and charge transfer effects, thus mak.ng O NQR a 
mmising tool for the study of H-bonding in solids. 

P The "o NQR study of KH ; PO. (Blinc et al. [1973a]) is particularly 
‘ , ine 18.4). Below T c we have two chemically non-equivalent 
oxygen sites. One of them represents the oxygen site to which the proton 
i. ...ached ("O-H O). where., .he o.he, repres.n., .he .o 

which the proton is only hydrogen bonded, i.e. O - H O. The 
difference in the quadrupole coupling constants between the two siles 
Jib the proton in a "far" and a "close" position is rather large. It sshould 
nrovide a very sensitive test of the electronic structure of the H-bond. 
P Above Tc all oxygen sites are chemically equivalent due to fast proton 
exchange between the two equilibrium sites in the double-minimum 
potential. Similarly as in the deuteron case in KD ; PO. the O nucleus 
-sees” only the time-averaged value of the EFG tensor above T c . 
There is. however, an important difference between these two cases. 


,7 0 NQR IN KOP 



|_I_I-i- 1 - 

50 100 T c 150 200 

UK) 

Fig. 18.4. Temperature dependence of the ,7 0 NQR spectra in KH ? P0 4 (Blinc et al. (1973a)). 
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Since the chemical environment of the deuteron is identical in the two 

equilibrium sites (O-D - • • O and O.D-O), the motion of the deuteron 

between the two sites is accompanied only by a rotation of the principal 
axes of the deuteron EFG tensor and not by a change in the magnitude of 
these axes. The chemical environment of ,7 0, on the other hand, does 
change when the proton is transferred from a “close” ( ,7 0-H - 0) to a 
“far” ( ,7 0 • • • H-O) site. The proton motion thus results in a change of 
both the magnitude and the direction of the principal axes of the ,7 0 EFG 
tensor. In this sense, ,7 0 NQR is an even more sensitive tool for the study 
of the H-bond potential than deuteron NQR. 

The experimental method employed in all ,7 0 NQR studies in solids 
was proton- ,7 0 nuclear double resonance in the laboratory frame. The 



0 0.5 10 

•n 


Fig. 18.5. Dependence of the three NQR transition frequencies for / = 5/2 on the asym¬ 
metry parameter. The frequencies are expressed in units e’qQlh (Blinc et al. [ 1973a]). 
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pure quadrupolar Hamiltonian for "O (/ = 5/2) can be written in the 
principal axes system as 

[(31? - n + v a 2 . - II)}. < 18 - 24) 

The above Hamiltonian has three doubly degenerate eigenvalues. The 
corresponding transition frequencies expressed in units of e qQlh are 
presented in fig. 18.5 for all values of r, between 0 and 1. 

The observation of the three transition frequencies (*„ vu and v ,„) 
allows a unique determination of e'qQlh and tj. 

The experimental procedure is as follows: 

The proton system is first cooled by adiabatic demagnetization into a 
zero magnetic field and then heated by thermal contact with the O 
system. The ”0 system is heated when the search frequency * - w/2tt of 
the radiofrequency field H, equals to the splitting between any two pairs 
of the pure quadrupole energy levels of ”0: 

= (AE),. (18.25a) 

To achieve resonance energy transfer the amplitude of the radiofre- 
qucncy field H, must satisfy the Hahn double-resonance condition: 

( 7 H k )h =■ [(yH.^o + (Ao*)']'". Au> = w. (18.25b) 


90* pulse 



Fig. 18.6. Field sequence for a prolon ”0 double-resonance experiment in the laboratory 

frame (Blinc ct al. [1971a]). 
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The proton system is finally adiabatically remagnetized and the remaining 
proton magnetization measured as a function of the search frequency v. 
The experimental set-up is shown in fig. 18.6. 

18.2.4. 35 C1 NQR 

In view of its large quadrupole moment, ,5 C1 is an easy nucleus to be 
studied by straightforward NQR and only for ionic compounds-where 
the NQR frequencies are low-one has to use double resonance. Since ”C1 
has a spin / = 3/2 t there is only one NQR resonance line 

= ( e 2 qQ/2h )V1 +(r//3)' (18.26) 

and Zeeman perturbed NQR is necessary to determine both e'qQ/h and 
V- 

Though no other nucleus has as often been studied by NQR as 35 C1, its 
role in NQR studies of H-bonding is much smaller than that of the 
deuteron or the ,7 0 nuclei. This is, of course, due to the smaller 
importance of the Cl-H**-Y hydrogen bonds as compared to the 
O-H • • • O bonds. Nevertheless, "Cl NQR has demonstrated its usefulness 
as a complementary tool in solving many special problems involving 
H-bonding. 

The effect of H-bonding on the "Cl quadrupole coupling in covalent 
compounds is perhaps best seen in the case of HC1 where H-bonded 
chains are known to play an important role in the ferroelectric behavior at 
low temperatures. The "Cl quadrupole frequency (Jones and Gordy 
(1964]) is highest for the free molecules in the gas (*/ Q = 34 ± 1.4 MHz) and 
decreases in the solid phase (i/ Q = 26.469 MHz at 77 K). A part of this 
decrease is a genuine solid state “shift” whereas another part reflects the 
averaging effect of lattice vibrations. 

It should be noted that the rotation of the molecules in the gas does not 
average out the EFG tensors. The nuclear spin angular momentum is 
coupled to the rigid body rotation so that the field gradient axes and the 
nuclear spin axes remain fixed with respect to each other. 

The “rigid lattice” value of is 30.1 MHz (O'Reilly [1970]), leaving a 
pure “solid state” shift of 13%. In CH>C1 the solid state coupling constant 
is similarly about 8% lower than the gas phase value. The bonding in the 
crystal causes the molecule to be more ionic and hence the QCC is 
lowered. Though the relative values of these shifts are much smaller than 
in the deuteron or ,7 0 case their absolute values in frequency units are 
such that they can be measured to four decimal figures. 
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Whereas H-bonding decreases the ”CI quadrupole coupling constant 
irncc ) in covalent compounds it increases the CQCC in the ionic case. 

In tris-sarcosine calcium chloride-CaCh (CHzNHCCOO ),-for instance, 
the sarcosine molecules form a trigonal infinite column and the chlorine 
ions are located near the central axis of this column. Each chlorine 
accepts three N-H-- CI hydrogen bonds, which are the only H-bonds in 
the structure. The length of these N-H • • • Cl bonds is 3.182 A, 3.222 A and 
3 222 A, whereas the N-H-CI bond angles are 164°. 165° and 166° (Ashida 
j I [|972]). The J5 CI NQR frequency was found by proton-chlorine 
double-resonance techniques to be i>q = 2.16 MHz (Blinc et al. [1973b]). 
This seems to be the lowest ”C1 NQR frequency recorded so far. The 
finite value of is to a large part the direct consequence of H-bondmg. It 
should be remembered that in the purely ionic case with a spherically 
symmetric electron distribution the intraionic contribution to r,is zero, 
and that it is the distortion of this distribution due to the formation of a 
partially covalent bond which increases the value of the field gradient at 
the Cl nucleus. A similar effect is observed in the series SnCU («-q = 

5 8 MHz). SnClj-HiO <«/„ = 6.17 MHz) and SnClz^HzO (v Q =8.6MHz) 
where the presence of Cl ■ ■ ■ H-O H-bonds increases the value of the Cl 

QCC. 

There are relatively few ab initio calculations of the "Cl quadrupole 
coupling constants. Very few authors (as for instance Cade [1966] and 
Kaplansky and Whitehead [1968]) who have studied the electronic 
structure of the molecules have chosen to compute the field gradients as 
well and to compare the theoretical and experimental quadrupole coupl- 

ing constants. ... 

Scrocco and Tomasi [1964] have obtained a theoretical value of 

e'qQlh = -72.9 MHz for the ”C1 QCC in “free” HC1 in good agreement 
with the experimental value (-67.515 MHz) deduced from microwave 
measurements (Jones and Gordy [1964]). They found that inner-shell 
electrons contribute about 17% to the total field gradient and that the 
effect of the electronic charges localized on the hydrogen atom is small 
and nearly completely compensated by the contribution from the charge 
of the proton. 

Generally, however, the agreement between the calculated and experi¬ 
mental QCC is not very good even for wave functions which give a good 
representation of the ground state energy. This is probably due to the fact 
that field gradients are more sensitive to the exact form of the wave 
function near the nucleus than most other molecular properties. 
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The usefulness of J5 C1 NQR as an indirect tool for the study of 
H-bonding is well illustrated in the case of ammonium hydrogen bis- 
chloroacetate (Chihara et al. [1973]). X-ray studies (Ichikawa [1972]) have 
shown that the two monochloroacetate groups are connected by a short 
O-H • • • O bond the length of which is 2.432 A. If the acid hydrogen is at 
the center of the H-bond 


O 


C1(1)H 2 C 


\ 

O-H 


•O 


O 


% 

CH 2 C1(2) 

/ 


both chlorine sites should be equivalent and there should be just one "Cl 
NQR line. If, however, the proton is asymmetrically located, we should 
see two "Cl NQR lines. As it can be seen from fig. 18.7 there is indeed just 



Fig. 18.7. Temperature dependence of the ”CI NQR frequency in NfLHfClCHjCOOk 
(solid line) and ND«D(ClCH 2 COO), (circles) (Chihara et al. [1973]). 
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one ”C1 resonance line in the paraelectric phase of this system (T > T. = 
128 K), but there are two such lines in the ferroelectric phase below T c . 

Table 18.7 

”C1 quadrupole coupling constants and asymmetry parameters for 
NFLH(CICH,COO) as determined by Zeeman perturbed NQR (Chihara 
et al. [1973]). The largest principal axis of the EFG tensor points-as in 
all other known cases-in the C-Cl bond direction 


Chlorine site 

Temperature 

e'qQlh (MHz) 

V 

0 (1), 0(2) 
0 (1) 

0 (2) 

T = 290 K > T« 

T - 78 K < T t 

T - 78 K < T t 

67.416 ±0.015 
69.774 ±0.013 
70.230 ±0.016 

0.064 ±0.010 
0.061 ± 0.009 
0.054 ±0.012 


This means that for T > T c the acid hydrogen is either centrally located 
or jumping between two equivalent equilibrium sites with a frequency 
which is larger than * Q [C1<1>] - pq(C 1(2)]. Below T c the proton either 
shifts from a symmetric to an asymmetric position in the O-H-O bond or 
the double-well potential becomes asymmetric. “Cl spin-lattice relaxa¬ 
tion data could distinguish between these two possibilities but, unfortu¬ 
nately, they have not yet been performed. 

Very similar results were obtained by ,5 CI and ' 7 C1 NQR in normal and 
deuterated KH(CCI,00) 2 and NH,(CCl,COO) 2 (Blinc et al. [1967b]). Here 
too only one Cl resonance line was found demonstrating an effectively 
central position of the acid hydrogen in the O-H-O bond. 

18.2.5. ,4 N NQR 

In contrast to the case of “Cl NQR, the field of ,4 N quadrupole resonance 
is relatively young and its potential for the study of H-bonding is just now 
being discovered. Though nitrogen-14 NQR transitions have been ob¬ 
served up to 6 MHz the great bulk of the data-and certainly all N-H • • • O 
and N-H • • • N resonances in amino acids, nucleic acids and most other 
biologically important molecules-lie in the region between 800 kHz and 
4.5 MHz which is hard to measure by classical NQR. In their excellent 
review article Schempp and Bray [1970] state that though l4 N NQR has 
been observed in some 190 compounds, more than twice this number have 
been investigated but failed to yield resonances. Double-resonance 
methods have opened this field for systematic investigations. 
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N is a naturally abundant spin one nucleus, the NQR spectrum of 
which exhibits in zero magnetic field three allowed transitions: 

v> = le 2 qQ(\ (18.27a) 

v 2 = ie 2 qQ( 1 - Jr)), (18.27b) 

*>. = »>-V 2 -liie 2 qQ. (18.27c) 

The spectrum is thus analogous to the deuteron one only that it occurs at 
much higher frequencies in view of the larger quadrupole moment of the 
' 4 N nucleus. The observation of two of these three lines allows a unique 
determination of e 2 qQ/h and rj. 

The ,4 N quadrupole coupling constants vary a great deal from com¬ 
pound to compound and are not easily classified in a few simple groups. 
As a general rule, however, the ,4 N quadrupole coupling constant is the 
higher the higher the electronegativity of the group to which the nitrogen 
is bonded. The ,4 N QCC thus increase in the series NH,, NHjCHj, 
NH(CH,) 2 , N(CH,)j (Schempp and Bray [1970]). In NF,, the ,4 N QCC is 
by more than a factor of two larger than in NH,. In the same way, rj 
increases with increasing inequality of the chemical bonds. 

One of the best examples of the efTect of H-bonding on the ,4 N 
quadrupole coupling is the solid state shift in ammonia as studied by 
Lehrer and O’Konsky (1965]. Strong intermolecular H-bonds are known 
to exist in this compound. The l4 N quadrupole coupling constant for the 
“free” gaseous NH, molecule is \e : qQ/h \ = 4.08 MHz whereas the “rigid 
lattice” solid state value is \e 2 qQ/h \ = 3.47 MHz. The asymmetry parame¬ 
ter 7] is zero. The solid state shift thus accounts for nearly 15% of the 
value of the quadrupole coupling constant in the gas. This shift is a sum of 
two contributions: a “direct” contribution to the field gradient due to 
lattice charges external to the molecule and an “indirect” contribution 
due to a redistribution of the valence electrons as a result of H-bonding. 
The “direct” contribution was found to be four orders of magnitude too 
small to account for the “solid state” shift. This shift is thus practically 
completely due to the “indirect effect”. In a valence bond picture it can be 
described as an increase in the ionic character of the N-H bonds. The 
ionic character of such a bond has to increase from 33% to 41% in order to 
account for the observed efTect. 

A large “solid state shift” produced by H-bonding is as well found in 
pyrrole, C 4 H 4 NH where infinite chains of H-bonded molecules are 
expected to occur. The microwave data of Bak and Nygaard [1967] give 
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2 _? 67 MHz T7 = 0.71 whereas the solid state data at 77 K yield 

ji|. 2.062 MHz, v =0-27 (Schempp and Bray [1968]). The large 
decrease in e ! qQlh is consistent with the assumption of an increased 
ionic N’-H* character on H-bond formation in agreement with the Raman 
„(N-H) frequency shifts and intensity changes (Lautie and Novak 
[1972]). In N-methylpyrrole, the quadrupole coupling constant in the so id 
is, as expected, significantly higher than m pyrrole: \e qQlh\- 
7 193 MHz, v =0.17 (Schempp and Bray (19701). 

The ,4 N quadrupole coupling data for some compounds with known 
n _ H .. N bond distances are listed in table 18.8 together with the 
corresponding ,<N-H) stretching frequencies (Novak [1973]) No simple 
universal relation between the length of the N-H-NI bond or he *<N-H) 
frequency exists as in the deuteron case though of course e qQ/h 
decreases with increasing strength of the H-bond. It should be noted that 

Table 18.8 

|<N quadrupole coupling data. N-H ■ N bond distances and N H bond stretching frequen- 

cics for some N-H • • • N bonded compounds 


N-H 


Compound 


N distance 

(A) 


( e’qQlh )• 
(MHz) 


Frequency y N M 
(cm 1 ) 


NH 2 NHj 

d,n*-nd;-2CI 

imidazole 

(C,H 2 H 4 ) 


3.19 

2.95 

2.86 (N.-H 


N,) 


4.820 
3.9069 
N,: 1.450 
N,: 3.271 


0.80 

0 

0.90 

0.13 


3317 

2929 

2800 


in N-acetyl-imidazole, where because of steric hindrance H-bonding 
effects are absent, the N, QCC is significantly higher-(e qQ//t)N,- 
2.190 MHz, 17 =0.10-than in imidazole (Marino and Oja [1970]). The 
rather low value of the N, QCC in imidazole is comparable to that found 
in most amino acids-such as in glycine: e’qQ/h «* 1.2 MHz, -q - 
0.5-which are known to exist in the zwitterion form. In H,N‘CNCOO , in 
particular, the ,4 N QCC arises mostly from the non-equivalence of the 
N-C bond with the N-H bond in a roughly tetrahedral configuration. 

Ab initio all-electron calculations of l4 N QCC do not yet reproduce the 
experimental results very well (O Konsky and Ha [1968] and Schempp and 
Bray [1968]). 

The use of l4 N NQR for the study of structural considerations, 
connected with H-bonding, is well illustrated (Blinc et al. [1971a]) in the 
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Table 18.9 

Comparison of calculated and experimental ,4 N quadrupole 
coupling data for some nitrogen-containing molecules 
(Schempp and Bray 11970]) 


Molecule 

( e’qQlh W 


( e a qQlh)„ p 


N* 

4.838 

0 

4.650 

0 

HCN 

3.420 

0 

4.580 

0 

CH.NH, 

6.920 

0.18 

3.986 

0.37 

nh,nh 2 

8.623 

0.56 

4.820 

0.81 


case of tri-glycine sulfate (TGS). In this system, which undergoes a 
ferroelectric transition at T c = 49°C, there are two formula units 
(NH 3 CH 2 COO ) and (NH»CH 2 C00H) 2 S0 4 per unit cell. X-ray studies 
(Hoshino et al. (1959J) have shown that the two monoprotonated glycine 
groups G I and G III are completely planar below T e , whereas the 
zwitterion G II is only partially planar. A rather short O-H • • • 0(R o o = 
2.44 A) bond connects G II and G III, whereas the O-H-O bond between 
G I and the S0 4 group is somewhat longer (R« o = 2.54 A). 

The ,4 N quadrupole coupling data are collected in table 18.10 and the 


Table 18.10 

4 N quadrupole coupling constants and asym¬ 
metry parameters in TGS (Blinc et al. [1971a]) 




e'qQlh 

(MHz) 

V 

G I 

T = 65 °C > T« 

0.906 

0.691 


T = 20 °C < T t 

1.008 

0.586 

G II 

T «= 65 °C > T t 

0.990 

0.10 


T = 20 °C < T t 

0.983 

0.519 

GUI 

T = 65 °C > T« 

0.990 

0.10 


T = 20 °C < T t 

1.020 

0.130 


temperature dependence of the l4 N spectra-measured by proton- 
nitrogen double resonance in the rotating frame (fig. 18.8)-is shown in fig. 
18.9. 

There are six physically non-equivalent ,4 N sites below T c , three of 
which are also chemically non-equivalent. Above T c , only two nitrogen 
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sites are chemically non-equivalent. G II and G III which are non¬ 
equivalent below T c become equivalent above T c due to fast proton 
transfer in the 0-H---0 bond and a resulting exchange of the 
glycinium-glycine roles of these two groups. The onset of chemical 
non-equivalence of G II and G III is a result of proton ordering in the 
O-H-O bonds. This result has been confirmed by deuteron resonance 
studies (Bjorkstam [1967) and Blinc et al. [1967c]). 

Hunt and Mackay [1974J have recently investigated the isotope shifts in 
the nitrogen QCC on deuteration. The sign of the isotope shifts in amides 
was found to be opposite to that for amino and imino acids. In all cases, 
however, the isotope shifts could be accounted for by a decrease in 
charge along the N-H bonds. A typical amino or imino acid isotope shift 
of - 20 kHz results from an average decrease in N-H occupation of 0.002, 
whereas in amides a shift of +25 kHz corresponds to a decrease of 0.004 
electrons. 

18.2.6. 75 As NQR 

Whereas the deuteron or ,7 0 nuclear quadrupole resonance and relaxation 

measure the autocorrelation function of a hydrogen in a single O-D-O 

bond, NQR can in some cases also be used for a direct study of the many 
particle correlation functions of a system of H-bonds. 

A good example of this is provided by the ,J7 I NQR in (NH 4 ) 2 H,I0 6 
(Kind and Granicher [1970J and Kind [1971)) or by the 75 As (7 = 3/2) 
quadrupole resonance in ferroelectric KH 2 As0 4 (Beezhold and Uehling 
[1968]) and antiferroelectric NH 4 H 2 As0 4 (Blinc et al. [1973c]). In these 
systems each As0 4 group is linked by four strong (R 0 o = 2.48 A) 
O-H • • • O bonds to four surrounding As0 4 units. The EFG tensor T at the 
' As site thus depends on the arrangement of the four O-H-O bonded 
protons around a given As0 4 group: 

T = T(p„p 2 ,p,,p 4 ). (18.28) 

Each of these four protons moves in a double-minimum O-H-O 

potential, so that the corresponding variables pi,__ p 4 fluctuate between 

two different values. 

The proton distribution around the As0 4 tetrahedron has been related 
to the EFG tensor at the As site by a point charge model calculation, 
where the charge on the two oxygens (O’) to which the proton is bonded is 
assumed to be quite different from the charge on the two non-bonded 
oxygens (O). Such a model yields for the eigenvalues of the EFG tensor at 
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the As site 


= 2 K, 


= -2K, 


V„ = 0, 


(18.29) 


where K is a constant which depends on the charge difference between O 
and O' According to this mode! the largest principal axis of the EFG 
tensor (V„) is parallel to the O-O' direction, whereas the smallest 
principal axis (V„) is also the direction of the electric dipole moment of 

the H 2 As0 4 group. . 

With the help of these results the various As EFG tensors found in 
ferroelectric KH 2 As0 4 and antiferroelectric NH 4 H 2 As0 4 could be 
assigned (Beezhold and Uehling [1968] and Blinc et al. [1973c]) to specific 
H 2 As 0 4 groups (table 18.11). In agreement with the Slater [1941]- 
Nagamiya [1952] model it was found that in ferroelectric KH 2 As0 4 


Table 18.11 

« As EFG tensors T“* (in MHz) for the six H*As0 4 Slater protonic configurations expressed 
in the As 0 4 fixed ( a.b.c ) coordinate system. The data for / = 1,2 were obtained from 
ferroelectric KH,AsQ 4 and those for / =* 3.4. 5.6 from antiferroelectric NH 4 H,As0 4 



/=4( M ||-a) l« 5<f*||+fr) l-6<#»|-*> 


59.2 0 0 59.2 

0 0 0 0 

0 59.2 0 0 


0 0 0 0 0 

0 0 -59.2 0 0 

0 -59.2 0 -59.2 0 



both hydrogens are either close to the “upper" (T m ) or to the "lower" 
(T <2> ) oxygens (fig. 18.10) so that the H 2 As0 4 dipole moment points along 
the ±c-axis (±fz c ). In antiferroelectric NH 4 H 2 As0 4 , on the other hand, 
one hydrogen is attached to an "upper" and one to a "lower" oxygen, so 
that the resulting four possible H 2 As0 4 configurations (T°\ T' A \ T <5 \ T ,6> ) 
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Fig. 18.10. Arrangement of the four hydrogens around a P0 4 group in KH,As0 4 according 

to the Slater-Nagamiya model. 


carry dipole moments along the a - or S-axis (/x„, — p a , p.*, — p b ). In the 
antiferroelectric domain, where PlIllOO]^ one sublattice corresponds to 
T°\ and the other to T <4 \ whereas for P||[010], the corresponding EFG 
tensors are T ,5> and T ,6) . These results represented the first direct proof 
that the antiferroelectric proton ordering suggested by Nagamiya [1952] is 
correct. 

In the paraelectric phase each H 2 As0 4 group fluctuates between the six 
Slater H 2 As0 4 configurations (table 18.11) with As EFG tensors T ut 
where / = 1,... ,6. Replacing the time average by an ensemble average 
one finds 

<T> = i&T 1 ", (18.30) 

r=i 

where the weighting factors 5, are known from the Slater [1941] model 


Si.* = So exp (€/Jc b T)/ 4( 1 -p), (18.31) 

So = S,.4 .,.a = {1 + 5 exp (c/k B T)[(l + p 2 )/(l - p 2 ))-\ (18.32) 

and where c measures the difference in orientational energy between the 
two ferroelectric (/ = 1,2) and the four antiferroelectric (/ =3,4, 5,6) 
H 2 As0 4 configurations. According to the Slater model of KH 2 P0 4 , 
e = k B Tc In 2. 

Since r‘ 3 ‘ + T ,4) + T ,5) + T ,6) = 0, we see that for T > T c the NQR 
frequency is determined by 


<T> 


5i[T <0 + T ,2> ], 


T> Tc. 


(18.33) 
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Expanding expression (18.30) in powers of elk B T , we get for T > T. the 
temperature dependence of the 75 As NQR frequency as: 


_ .. 0 . 2 ) 

Uq — Vq 


3(T — To)’ 


T> T 


C» 


(18.34) 


where To = 2c/3fc B and v£ 2 ‘ is the NQR frequency which corresponds to 
the two “ferroelectric” H 2 AsO. configurations. A plot of v Q versus 
(T - T«)/T should thus be a straight line which intercepts the temperature 
axis at T,«S T c . This is in good agreement with experiment (fig. 18.11). 
The above results could also be obtained by expanding T- 

T(p,.P».P>.P«> in P° wers of p " if the <J de P endence of the mean square 

polarization fluctuations is taken into account. The use of a local 
model-such as the Slater one-is, however, simpler in this specific case. 
Tl (As) has been measured by a proton-As cross relaxation technique 



Fig. 18.11. Temperature dependence of the inverse ’'As quadrupolc coupling constant 
frequencies in KH 2 As0 4 type crystals versus temperature for T > TV 



866 


R. BLINC 


(Blinc et al. [1973d]) both in the high and in the low temperature phase. 
The 7 'As spin-lattice relaxation rate shows an anomalous increase on 
approaching T c which can be described in a similar fashion as in the 
deuteron case and which demonstrates a critical slowing down of the 
collective motion of H-bonds. 

Finally, one should add that in addition to the broad paraelectric As 
lines sharp “ferroelectric” type As lines have been observed in KH 2 As0 4 
well above T c (Blinc and Bjorkstam [ 1969) and Bjorkstam [1973]). The 
angular dependence of these lines (fig. 18.12) shows that the symmetry of 
the paraelectric phase is broken on the time scale of this experiment. This 



0 Z lOegreesl 

Fig. 18.12. Angular dependence of the “isotropic** and “anisotropic** "As 1/2-*- 1/2 lines in 

KH.As 0 4 for T > T. (Blinc and Bjorkstam [ 1969]). 


means that short-range order clusters composed of polarized H-bonds are 
formed in the paraelectric phase. The lifetime and average size, i.e. the 
correlation length £ c of these clusters increase as T -* T c \ Close to T c the 
lifetime of some of these clusters is long as compared to the inverse 
quadrupole splitting between T"’ and T i2 \ (which is of the order of 
10 6 Hz), demonstrating the existence of nearly zero frequency polariza¬ 
tion fluctuations of macroscopic size. 
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18.3. NMR studies of hydrogen bonds in solids 


18.3.1. Wide line NMR 

The use of wide line NMR for the determination of internuclear distances 
is nrobably the oldest application of magnetic resonance to the study of 
H bonding. Waugh et al. [1953] performed one of the first studies of 
H-bonding by wide line NMR. They showed that the proton in the 
bifluoride ion (HFj) in KHF, occupies a symmetric position in the center 

nf the H-bond to within ±0.06 A. 

To illustrate this technique let us look into the case of KH,F, (Blinc et 
119661). The H-bonds in the nearly linear FHFHF ions, which exist in 
this crystal, are intermediate between those in KHF, (Rf f = 2.26 A) and 
solid HF(Rf f = 2.49 A). They approach in stability (Rf f - 2.33 A) those 
in the bifluoride ion. As all five nuclei in the H,F, ion have non-zero 
magnetic dipole moments and the ionic groups are relatively isolated 
from each other, this system is particularly well suited for a NMR 
determination of the protonic positions, which could not be determined 


by X-ray scattering. 

Both the proton and the fluorine magnetic resonance absorption spectra 

of polycrystalline KH,F, show a distinct fine structure (fig. 18.13) 
produced by dipole-dipole interactions within isolated H,F, groups. The 
second moment of the proton resonance absorption. 


S, = J~ (H - H.) l /(H) d h/[' f(H) dH, (18.35) 


where /(H) is the NMR absorption lineshape function and Ho the field at 
exact resonance, amounts to S,(H) = 160 ± 8 gauss 2 , whereas the second 
moment of the fluorine resonance equals S,(F) - 117 ±4 gauss . The 
lattice is effectively rigid below -30°C, whereas above this temperature 
motional narrowing sets in. 

X-ray data (Forrester et al. [1963]) showed that the average F - • • F bond 
distance is 2.33 A and the average Fi-Fi-F, bond angle is 134°. From the 
known overall crystal structure and known coordinates of the heavy 
atoms, the theoretical second moments of the H and F resonance spectra 
have been calculated for 289 different sets of protonic positions using Van 
Vleck’s formula: 


S 2 (/) = S 2 (//)+S 2 (JS), 


(18.36a) 
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Fig. 18.13. Derivatives of the proton (top) and ”F NMR spectra of KH,F, (Blinc et al. 

(1966]). 


where 

S,(JJ) = | ylh'HI +1)^2 (1 ~ 3c T a * lt)? 

^ iV i.k r lk 

and 

S 2 (/S) = | yWS(S + 0^2 — 3 C r ? J dli > 

Here S 2 (I) is the total dipolar second moment of the resonance 
spectrum of spin I nuclei which is a sum of contributions of like (S 2 (JI)) 
and unlike (S 2 (JS)) nuclei. I and S are the spins of the two nuclear 
species, y t and y s the corresponding gyromagnetic ratios, N the number 
of unequivalent I nuclei in the unit cell, r /k the internuclear vector, and # Jk 
the angle between the internuclear vector and the direction of the external 


(18.36b) 

(18.36c) 
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magnetic field. In a polycrystalline sample, the term <3cos'fl D' 

aV A Comparison of the theoretical and experimental second moments 
excludes the possibility of a symmetric H-bond (r F .„ = 1.165 A) with a 
central position of the hydrogen as in KHF, The theoretical second 
moments are, in this case, significantly lower (S : (H) - 137 gauss , 
c fF)= 106 gauss') than the experimental ones. 

But whereas second moment data cannot discriminate between several 
other sets of protonic coordinates, this can be achieved on the basis of the 

dipolar fine structure of the lineshapes. 

The best agreement between the theoretical and the experimental 
lineshapes is obtained for the case where both protons are shifted for 
about 0.10 A from the center of the H-bond towards the two outer fluorine 

atoms in the F-H • • • F -• • H-F groups. . . , , 

The dipolar fine structure in the spectrum of the H 2 F 2 ion is calculated 

aS Neglecting the chemical shift term, the spin Hamiltonian of a H 2 F, 
group is a sum of a Zeeman (Xz) and a dipolar (,X D ) contribution: 

X = Xz+X D < I8 - 37 > 

with 

VCt. = Ho£a/3(/za, + /za, + /zA.) + HogoPVznx + 'ZB,) 

and 

= -g A gB(/zA,/zU ( 0 A ,B 1 + IzB l IzA i Dn,A i + / ZA,/ZB,D A 2 B, + I ZbJ ZA>D A 2 A,) 

where only first nearest neighbor dipolar interactions are included and 
where the H 2 Fj ion is designated as A.-B.-Aj-Bj-A,. Here g* and g B are 
the nuclear g factors, /3 is the nuclear magneton, / 2 is the component of 
the proton (J = 1/2) or fluorine (S = 1/2) spin angular momentum in the 
direction of the applied field H 0 and 

D = p'IRti 3 cos' d - 1). 

The eigenvalues of are: 


where 


Eff A Mb = H 0 gApMA+ H 0 gB/3M B , 

M a = Wa, + m Aj + m Ay = 3/2, 1/2, — 1/2, — 3/2 


(18.38) 


and 


Mb = m B , + m B2 = 1 , 0 , — 1 . 
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As the applied field H«, is so strong that the Zeeman splittings are large 
compared to dipole-dipole interactions, we may label the states of the 
system by the magnetic quantum numbers of the various spins m A „ m Aj , 
m A yy m B „ Wb 2 and take 9€ D into account by perturbation theory. The 
corresponding secular equation 


where 


|<^|^f D |«A,>- E5„| = 0, (18.39) 

|i//> = |m Al m A ..m A ,m B| m B: >, (18.40) 


can be solved analytically. The superallowed transition frequencies for 
which AM b = 0, AM a = ± 1 for the A spectrum and AM„ = ± 1, M A = 0 for 
the B spectrum yield four pairs of lines for the H as well as the ,9 F 
resonance spectrum: 


H: V\ = ± (2 a i + 2b t ) 

= ±(2 a 2 + 2 hi) 
vin = ± (2a ) - 2bt) 
viv = ±(2 a 2 — 2 b 2 ) 


'*F: v, = ±{2b, + 2bi) 

= ±2 a 2 
vm = ±2a t 
i/iv = ±(2b 2 -2b l ). 


Here the frequencies are measured relatively to the unperturbed Larmor 
frequencies and 

Ol,2 = 4g A gB Db |A| ;B,A„ b 1.2 = 4g A g» D B|Aj ; B iA „ 

so that the fine structure strongly depends on the positions of the protons 
in the H-bonds. 

The theoretical powder lineshapes for a few physically interesting 
representative cases are shown in fig. 18.14, where now both first and 
second nearest neighbor interactions are taken into account. 

The fine structure of the resonance spectrum becomes less pronounced 
as the number of spins in the molecular group increases. The success in 
the case of the H 2 F 3 ion is due to the fact that the ion is nearly linear and 
each spin interacts strongly only with one or two nearest neighbors. In the 
general case we deal with a structureless absorption spectrum as soon as 
the number of magnetic nearest neighbors is equal or larger than four. In 
such a case only very few structural parameters can be obtained from the 
angular dependence of the second moment of the spectrum. The angular 
dependence can, of course, be measured only if a single crystal is 
available. In case of a powder sample only one structural parameter can 
be derived from the one experimental quantity-the measured second 
moment. 



MAGNETIC RESONANCE STUDIES IN SOLIDS 


871 



Fig. 18.14. Theoretical lineshape for an isolated linear A,B, ion taking into account first and 
second nearest neighbors interactions, (a) B resonance: top, x - y - 1.06 A; middle, 
x = y a 1 . 16 A; bottom, x-y-1.26A. (b) A resonance: top. x-y-l.06A; middle, 
x -v-|.16A; bottom, x = y = 1.26A. Note: x = R(A^B,)y = R(A,-B : ) (Blinc ct al. 

[1966)). 


The wide line NMR method was also successfully applied to the 
problem of the structure and the dynamics of the hydronium ion in a 
number of hydrates of strong acids. 

Richards and Smith [1951] and Kakiuchi and Komatsu [1952] were the 
first to study the fine structure of the proton magnetic resonance 
absorption spectrum of HCIO 4 H 2 O at liquid nitrogen temperature (fig. 
18.14). A comparison of the experimental results with the theoretical 
lineshape for a system of three like spins 1/2 as calculated by Andrew and 
Behrson [1950] showed the existence of H.CT groups in which the protons 
form an equilateral triangle with a side r = 1.70 A. Similar results were 
obtained (Pollak-Stachura and Sagnowski [1973]) for HNO 3 H 2 O, and 
H 2 SCV 2 H 2 O. The corresponding experimental values of the rigid lattice 
second moments are listed in table 18.12. 
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Table 18.12 

Experimental second moments of the proton resonance lines for 
some hydrates of strong acids 


Substance 

Structural formula 

S, (exp.) (gauss 2 ) 

HCI0 4 H 2 0 

h,o*cio; 

31.8 

HNO, H,0 

H,0‘-N0i 

32.2 

H 2 S0 4 -2H,0 

(H,o*),so;* 

31.0 


In HjCT ClO; where the hydrogen bonds are rather weak, the H,0‘ 
group starts to rotate around the triad axis above -90°C with a frequency 
which is larger than 10 5 Hz. The intraionic part of the second moment 
reduces by a factor of four (Hennel and Pollak-Stachura (1969]). At still 
higher temperature, isotropic reorientation and translational diffusion of 
the HjO* ions sets in. In HNOj-HjO and H 2 S0 4 -2H 2 0 strong H-bonds 
hinder any rotation of the H 3 0' ion up to a rather high temperature where 
translational diffusion sets in and averages the total second moment to 
zero. 

In various other systems like HAuCL.-4H 2 0 (Williams and Peterson 
[1969]) the diaquated proton H 5 0 2 has been found by X-rays. It consists 
of two H 2 0 groups bound together by a bridging proton, which is in the 
case of HAuC 1 4 -4H 2 0 disordered between two off-center positions. 
Proton spin relaxation measurements were used to show the dynamic 
nature of this disorder (O'Reilly et al. [1971]). Wide line NMR by itself, 
however, cannot determine the structure of these ions since too many 
magnetic nuclei are present. 

18.3.2. High resolution NMR in solids and the chemical 
SHIFT TENSOR 

So far we have in the spin Hamiltonian for spin 1/2 nuclei 

= a?z+a?o+(18.41) 

taking into account only the Zeeman (2? z ) and the dipolar terms (^f D ) and 
have neglected the chemical shift term 

= 2 /, (18.42) 

i 

It is this term which takes into account the magnetic screening of the 
nuclei by the electrons. It describes the fact that the magnetic field seen 
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hv the nucleus is not the applied field H„ but rather H„(1 - a). The reason 
for the neglect of the chemical shift term ft. in solids is the dipolar 
broadening of the resonance lines. This broadening is absent in liquids 
where rapid rotational and translational motions average the direct 
nuclear magnetic dipole-dipole interactions to zero. In solids, on the other 
hand a typical linewidth is of the order of several kHz whereas the 
resolution necessary to observe chemical shifts is of the order of a few 

H Soon after the discovery of the "chemical shift" by Proctor [1950] a 
rapidly increasing number of chemical shift determinations set in. Apart 
from very few exceptions, only the isotropic part of the chemical shift 
tensor (Tr a) could be obtained. With the advent of new techniques in 
recent years, we can now expect a similarly increasing flow of the 

chemical shift tensor determinations. 

The chemical shift tensor a is a symmetric second rank tensor. I he 
chemical shift of a nucleus in an axially symmetric electron distribution 
making an angle 0 with respect to the applied field Ho is a sum of a scalar 
and a traceless tensor part: 

ft. = -yflH 0 [i(r, + 2<r i ) + }(<n-<r i )P»(cose)]J,. (18-43) 

In a liquid the rapid motion of the molecules results in an averaging out of 
the anisotropic part of cr. The isotropic average of P : (cos 0) is namely 
zero. It is only the isotropic part of a, 

a =5Tr<r = (o-|+2 <tJ, (18.44) 

i.e. the isotropic chemical shift which is observed in liquids. Even this 
limited amount of information has proved to be rather important for our 
understanding of the nature of the H-bond. Chemical shift measurements 
in liquids namely showed that H-bonding results in a marked low field 
shift of the proton resonance demonstrating a deshielding of the proton 
taking part in the H-bond. A new dimension of knowledge of the 
electronic structure of the H-bond is obtained if all six independent 
elements of <r can be determined experimentally. This can be done in a 
crystal where a is not averaged out by molecular motion, if the dipolar 
broadening has been removed without affecting a. 

In recent years, a number of pulse sequences have been developed 
which can do just that: they selectively remove the dipolar interaction 
while retaining chemical shift and electron coupled exchange interactions 
(Haeberlen and Waugh [1968] and Waugh et al. [1968]). The basic idea is 
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that the spin Hamiltonian of the system is made time dependent by the 
application of a train of intense radiofrequency pulses. The various pulses 
produce a rotation of the magnetization in spin space similarly as the 
Brownian motion in liquids results in a rotation of the molecules in 
coordinate space. The phenomenon is thus analogous to motional 
averaging in liquids except that it is the spin operators rather than the 
lattice operators which are time dependent. When the characteristic 
repetition period of these pulses becomes small as compared to the 
“memory” time of the spins (i.e. the spin-spin relaxation time T 2 ) the 
system behaves as if under the influence of an effective time-independent 
Hamiltonian W which can be controlled by the experimenter. Exploiting 
the different transformation properties of ^f D and X. in spin space one 
can remove one term while retaining the other. 

According to a well-known theorem, the Bloch free induction decay 
following a simple 90° radiofrequency pulse is the Fourier transform of 
the steady state absorption spectrum. If further 90° pulses are applied in a 
continuous train, a series of solid echoes is produced the peaks of which 
may decay much slower than the free induction decay. Many pulse 
sequences exist for which 

#d = 0, fcfiO. (18.45) 

so that the Fourier transform of the envelope of the solid echoes gives an 
absorption spectrum which would be obtained for a system where dipolar 
interactions are removed while the chemical shifts are still present. 

One such scheme is the Wahuha sequence (Waugh et al. [1968]), which 
consists of a series of four 90° radiofrequency pulse (P) cycles: 

(r, P„ 2r, P-„ r, P x , 2r, P- y ). (18.46) 

Here r is the time between the first 90° pulse, applied along -y, and the 
first “Wahuha” pulse P„ and the subscripts indicate the direction of the 
pulses in the rotating frame (Slichter [1963]), i.e. the carrier phases in the 
laboratory frame. One easily finds that the effective Hamiltonian 
governing the time development of the series of solid echoes is 

^d = 0, (18.47a) 

jf.r = —-= wo 2 oj 0 = — yH 0 , (18.47b) 

V3 < 

where the chemical shift Hamiltonian is written in a tilted frame with its 
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z-axis along the (111) direction in the rotating frame. This corresponds to 
an apparent precession of the spins about the ( 111 ) direction of the 
rotating frame with all dipolar broadening being eliminated and all 

chemical shifts being reduced by V3. 

In a single crystal we can thus determine the three principal values of 
the chemical shift tensor <r as well as the orientation of the principal axes 
of this tensor by measuring the angular dependence of the spectra for 
three mutually perpendicular crystal rotations. In a polycrystalline sample 
some of this information is lost, but the three principal values of cr can be 
still determined from the lineshape. 

The procedure is as follows: 

In a high magnetic field, the spins are quantized along the direction (z) 
of the applied field H,„ so that only the cr„ component of the chemical 
shift tensor in the laboratory frame appears in the Hamiltonian. With the 
help of the Eulerian angles 0, <p. * relating the principal axes (1,2,3) of 
the chemical shift tensor a to the laboratory system (x, y, z) a„ can be 
expressed in terms of the eigenvalues <r,„ cr» of tr as: 

o = sin 2 0 cos 2 ip cr,, + sin* 0 sin 2 <p tr : , + cos* 0<r», (18.48) 


where 

C11 ^ a22 $ C yy. 

In a powdered sample the individual principal axes systems of a for the 
various nuclei are distributed randomly over all directions. The effective 
chemical shift a u must be weighted according to the isotropic distribution 
in ( 0 , (p) resulting in an asymmetric absorption lineshape 1(a) first derived 
by Bloembergen and Rowland 11953]: 


/ _ \ 1/2 

I(o~) « — ) K(sina) 

\ a - an / 


for a 2 2 < a < a jj. 


(18.49a) 


Ho) * ( ( . g “ ~ <7, !>. (o ' M ~ ^ )' B fc(4-) for 
v ; \(as)-a)(a 2 2 ~ an) J Vsin a / 


a n < a < < 7 : 2 , 


1(a) = 0 elsewhere. 


Here 


sin 2 a 


(azi- an)(<Ty>- a) 
(a 33 — a 22 H cr — Ci 1 ) 


(18.49b) 

(18.49c) 


(18.49d) 


and K(k) is the complete elliptic integral of first kind. 
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For an axially symmetric chemical shift tensor, the lineshape simplifies 
to: 

/ (cr) oc (cr - <t x) 1/2 for o* < o < cr,, (18.50a) 

/(o-) = 0 elsewhere, (18.50b) 

with 

cr 11 = cr 22 = o'i, o"jj = o',. 

The theoretical lineshapes for the above two cases are shown in figs. 
18.15 and 18.16. It is obvious that the principal values o-,,, o- 22 and o, 3 can 
be read off directly from the observed lineshape. 



Fig. 18.15. Theoretical NMR absorption lineshape for the case of an axially symmetric 

chemical shift tensor. 



Fig. 18.16. Theoretical NMR lineshape for the case of a non-axially symmetric chemical 

shift tensor. 
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In fig 18 17 the P rolon h '8 h resolution spectra of a single crystal of 
oxalic acid dihydrate, (C00H),-2H 2 0. are presented for two different 
crystal orientations. A Wahuha sequence was used. The more intense line 
corresponds to protons of the crystal water which form weak hydrogen 
bonds (Ro o= 2.86 A and 2.88 A respectively), whereas the less intense 
line belongs to protons of the carboxylic groups which are strongly 
H-bonded (Ro o = 2.51 A) to the oxygens of the water molecules (Delap- 
lane and Ibers [1969]). The anisotropy in the chemical shift is evident. 
Compared with TMS the H.O protons are shifted by 3.5 ppm at one (a) 
and by 4.5 ppm at another (b) orientation, whereas the corresponding 
shifts of the carboxylic protons are 15.3 ppm and 10.1 ppm (Ernst et al. 
[1973]). 



V lkHz] 

Fig. 18.17. High resolution proton NMR spectra of a single crystal of oxalic acid dihydrate 
for a particular orientation with T : = 32 m* (Ernst ct al. (19731). 


Haubenreisser and Schnabel [1973] obtained the full shielding tensors 
of the water molecule protons in Kieserit (MgSQrHzO) and found an 
anisotropy Arr = cr B - cr. = 20 ppm. One of the principal components 
of a is along the O-H bond direction. Van Hecke et al. [1973] have 
determined the carboxylic proton chemical shift tensors in the or¬ 
thorhombic a-modification of anhydrous oxalic acid. 

Haeberlen et al. [1973] made a very careful study of the nuclear 
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magnetic shielding of all the protons in malonic acid, CH ; (COOH) 2 . The 
crystal structure of this compound is shown in fig. 18.18. The length of the 
O-H - O bonds is 2.70 A. The angular dependences of the carboxylic 
proton lines for three mutually perpendicular rotations are shown in fig. 
18.19. There are two magnetically non-equivalent carboxyl protons. The 
principal components of their shielding tensors are found to be 

c7 , , , , > = -21.8 ppm, a 22 = - 19.2 ppm, criV = -0.8 ppm 

and 

cr\ 2 ? = -21.3 ppm, o-g = - 17.3 ppm, a?J - - 1.0 ppm 

relative to adamantane. The most shielded directions lie along the H-bond 
directions within 8°, whereas the least shielded directions are perpendicu¬ 
lar to the plane of the carboxyl groups. 



Fig. 18.18. Crystal structure of malonic acid. Protons 1 and V as well as 2 and 2' are related 

by symmetry (Haeberlen et al. [19731). 
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The above data can be compared with the results of a deuteron 
quadrupole coupling study of deuterated malonic acid (Derbyshire et al. 
[1969]). These authors found that for the carboxyl deuterons 

( e 2 qQlh)'"= 181.9±0.2 kHz, V" = 0.103 ±0.002 

and 

( e 2 qQlhf'= 179.9 ±0.2 kHz, V = 0.125 ± 0.002. 

whereas the directions of the maximum electric field gradient are along 
the H-bond direction within 4°. The magnitude of the deuteron quad¬ 
rupole coupling constants is within the range expected for O-H • -O 
bonds of about 2.70 A. The interesting result is that there is a close 
parallelism between the proton magnetic shielding tensor and the deute- 
ron quadrupole coupling tensor in malonic acid: both tensors are approxi¬ 
mately axially symmetric and the unique axes are close to the H-bond 
direction. 

There have been many powder studies of H-bonded protons (Haeber- 
len and Kohlschuter [1973]). It was found that the chemical shift 
anisotropy is significantly affected by the particular type of H-bonding. 

It seems that the following qualitative statements can be made in 
general about the chemical shift tensor of H-bonded protons (Haeberlen 
et al. [1973]): 

(i) The shielding is very nearly but not completely axially symmetric 
around the bond axis. 
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(ii) The bond direction is the most shielded direction. 

(iii) The anisotropy of the chemical shift tensor Aa = an - a. is positive 
and quite large (~ 18 ppm) and varies with the strength of the H-bond. 
This is the more important as nearly all isotropic proton chemical shifts 
fall within a range of 13 ppm. 

It is not at all easy to evaluate the proton chemical shift tensor a from 
first principles. It is well known that cr can be decomposed into two terms 

«7 = cr w + <r ,d \ (18.51) 

The diamagnetic term provides for shielding (at, >0) and the 
paramagnetic for antishielding (a'„ p J < 0) of the nucleus. Whereas a ,d) can be 
treated quite well, ct , p> is much more complicated since excited electronic 
states are involved. For protons, a is thus a small difference of two large 
terms and highly susceptible to errors in the calculated values. Neverthe¬ 
less, it seems possible to understand why the bond direction is the most 
shielded direction as well as the nearly axial symmetry of cr (Haeberlen 
[1973]). 

Waugh and coworkers (Waugh et al. [1973]) have determined the 
carbon-13 chemical shift tensors in a number of polycrystalline and single 
crystal specimens. 

Figure 18.20 shows the n C NMR spectra of polycrystalline acetic acid 
at -186°C (Waugh et al. [1973]). The methyl carbon-13 part of the 
spectrum is at the right (high field) and the carbonyl carbon at the left (low 



Fig. 18.20. Proton enhanced "Q NMR spectra of polycrystalline acetic acid (Waugh et al. 

[19731). 
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field). The shifts (in ppm) are measured relative to the "C resonance of 
liquid benzene. The lineshape is asymmetric and by using expressions 
(18.49a-d) the principal elements of the ,3 C chemical shift tensor can be 

determined. 

The results are listed in table 18.13, together with those for th.oacetic 
acid where H-bonding is weaker than in acetic acid. 

Table 18.13 


Principal elements of the ”C chemical shift tensors (in ppm) for solid acetic and thioacetic 
acid as referred to liquid benzene. The isotropic part of the tensor, & - ITr a and the 
isotropic ”C shift. <r„ measured in a neat liquid, are also presented (Waugh et al. (1973)) 


Compound 

Formula 

T(°C) 

(T 11 


(Tii 

<7 

cr, 

(Carbonyl “C): 
Acetic acid 

CH.COOH 

-186 

-140 

-55 

19 

-59 

-49 

Thioacetic acid 

CH.COSH 

-186 

-145 

-101 

28 

-73 

-65 

(Methyl ’’C): 
Acetic acid 

CH.COOH 

-186 

83 

83 

118 

95 

108 

Thioacetic acid 

CH.COSH 

-186 

73 

80 

129 

94 

100 


It can be seen that the differences in the -CH, carbon chemical shift 
tensors between acetic and thioacetic acid are very small, whereas the 
differences in the carbonyl ,3 C chemical shift tensors are rather large. It is 
only one of the principal values of the carbonyl shift tensor ( 0 - 22 ) which is 
highly sensitive to substituents, whereas the isotropic part (<r) of the 
tensor is much less affected. It is thus clear that the effect of H-bonding 
on the chemical shielding tensor provides a far more detailed experimen¬ 
tal basis for a microscopic understanding of the H-bond than the average 


chemical shift studied in liquids. 

It should be mentioned that in view of the small natural abundance of 
the ,3 C nuclei (1.108%) “proton enhanced nuclear induction spectros¬ 
copy” was used to obtain the above ,3 C NMR spectra. In this method, 
which is illustrated in fig. 18.21, the signal of the dilute spins S is 
enhanced by repeatedly transferring polarization from a more abundant 
species I (in our case protons) to which the S spins are coupled. The gain 
in sensitivity as compared with a direct observation of the rare spins 
approaches 


N,I{I + \)y 


1A> 
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Fig. 18.21. Pulse sequence used for n C proton enhanced nucleus induction spectroscopy 

(Pines et al. (19731). 


for S = °C, I = 'H. The transfer of polarization is performed by a 
Hartmann-Hahn type double-resonance method. High resolution of the S 
NMR spectra is obtained by decoupling from the abundant spins (Pines et 
al. [1973]). 

Another scheme for performing high resolution °C double-resonance 
Fourier transform spectroscopy in solids has been proposed by Grannel 
et al. [1973]. In this method the dilute spin lineshape is detected indirectly 
through its effect on the spectrum of the abundant spins. 


18.4. EPR and ENDOR studies of hydrogen bonds in solids 

In contrast to NMR and NQR, electron paramagnetic resonance (EPR) 
and electron-nuclear double-resonance (ENDOR) studies of H-bonds in 
solids are very rare. This is unfortunate as the study of contact hyperfine 
interactions of the unpaired electron with protons can yield direct 
information on charge transfer and covalency effects in H-bonds which is 
hard to obtain by other methods. 

A good example of such a study is provided by X-irradiated KH 2 As0 4 
(Hampton et al. [1966], Dalai et al. [1972]). In this crystal an AsOS radical is 
formed by an unpaired electron entering the A, type molecular orbital of an 
AsOj" group. The crystal structure is not significantly disturbed by the 
formation of this center. The superhyperfine interaction of the unpaired 
electron with the arsenic nucleus and the four protons in the 0-H --0 
bonds-linking the AsOj center to the neighboring As0 4 tetrahedra- 
shows that the protons move in double-minimum potentials and yields 
important information on the nature of H-bonding in this system. 
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The spin Hamiltonian describing the AsdT center and the four 
surrounding protons is 

VC = Ho«jS + /a.A , a "S + 2) L A"”S 

with S = 5, /a. = 1 and = J- Here Ihe nuclear Zeeman and nuclear 

quadrupole terms have been neglected. 

The principal values of the g-tensor and the As hyperfine tensor A 
are collected in table 18.14. whereas the principal values of the proton 
hyperfine tensors A"” are listed in table 18.15. All these results were 
obtained (Dalai et al. [1972]) at 4.2 K. Though the symmetry of the g 
and A' A “ tensors is orthorhombic at 4.2 K. they are both very nearly 

^Two distinct proton couplings to the unpaired electron in the AsOj 
center can be distinguished: one is due to the proton in the O-H • • • O site 
••close" to AsO: center, and the other due to the proton m the more 

distant ,7 0.H-O site. The existence of two different proton hyperfine 

coupling tensors is thus a direct proof for the double-minimum shape of 
the H-bond potential. Both the "close" and the “far" proton hyperfine 
tensors are considerably anisotropic (table 18.15). 


Table 18.14 

Principal values of the g-tensor and Ihe "As hyperfine coupling tensor for the AsO*. center 
in KH,AsO. at 4.2 K (Dalai et al. (19721). The -'-direction is the d.rect.on of the 

ferroelectric (c)axis 


Principal 
value g„ 

8rr £*« 

(MHz) 

A ,, (MHz) A„ (MHz) 

2.011 

1.995 2.001 

2895 

2834 3199 

Table 18.15 

Principal values and isotropic part of the proton hyperfine tensors A ,r> in MHz for the AsOr 

center at 4.2 K (Dalai et al. (1972]) 

Proton site 

A. m A yt 

A„ 

Isotropic contact interaction 

,7 0-H**0 (close) 
,7 0 • • • H-O (far) 

9.236 -16.750 
2.258 -3.201 

-33.297 

-7.556 

-13.812 

-2.875 
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As pointed out by Hampton et al. (1966) the large positive hyperfine 
interaction with the 75 As nucleus (table 18.14) arises because of the 4s- 
and 5s-character of the atomic orbital of the arsenic involved in the A, 
type molecular orbital into which the unpaired electron enters. The 
magnitude of the isotropic part of this interaction leads to a spin density 
of 36% for the arsenic s-orbitals. As ,6 0 has no nuclear magnetic moment, 
a direct experimental determination of the spin density on the oxygens of 
the AsOj" center is not possible. An order of magnitude estimate gives a 
positive spin density of about 16% on each of the four oxygens. 

The isotropic contact interaction for the “close” protons, -13.812 
MHz, corresponds to 0.97% of the unpaired electron in the 
“close” hydrogen Is-orbital. The isotropic contact interaction for the 
“far” protons, —2.875 MHz, on the other hand, means a spin density of 
0.2% for the s-orbital of the “far” hydrogens. This clearly shows that the 
H-bonds in the present case (R 0 o = 2.49 A) are partially covalent. A 
purely ionic H-bond could not give rise to a non-zero isotropic contact 
interaction with the proton in the “far” (0***H-0) position. 

At higher temperatures in the paraelectric phase the motion of the 
protons between the “close” and the “far” equilibrium sites gives rise to 
an averaging of the hyperfine coupling tensors. When H||c, all four 
“close” proton positions are equivalent with a coupling constant a c , = 



I _ l _i_i_I_i- 1 - 1 - 1 -1- 1 - 1 - 1 - 

-270 -70 -60 -50 -10 -30 -20 

im 

Fig. 18.22. Temperature dependence of the proton hyperfine splitting in the EPR spectrum 

of the AsOr center in KH 2 As0 4 for Ho||c. 



885 


MAGNETIC RESONANCE STUDIES IN SOLIDS 

-30 MHz and all four “far” proton positions are equivalent with a 
coupling constant a, = - 3 MHz. At room temperature, where the motion 
of the protons between the “far" and "close" sites is fast as compared 
with the difference in the coupling constants between these two sites an 
effective average coupling of i(a«i + a,) = -33/2 -- 16.5 MHz to our 
equivalent protons is observed. The proton hyperfine spectrum is a 
quintet. At lower temperatures, when the motion becomes slow as 
compared to the difference in the proton hyperfine coupling constants the 
spectrum should show the effects of hyperfine coupling with two equival¬ 
ent pairs of protons: two "close" ones and two "far” ones. However, the 
coupling of 3 MHz is unobservable by EPR. Hence, we see a coupling of 
-30 MHz to two equivalent protons and the spectrum is a triplet. 

The temperature dependence of the quintet to triplet transition (Blinc et 
al. [1967]) is shown in fig. 18.22. The observation of the transition from the 
“fast” to the “slow” motion regime (i.e. the quintet to triplet transition) 
thus allows a quantitative determination of the rate of the proton motion 
between the two equilibrium sites in the H-bond. 
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polarized H-bonds 866 

Badger- Bauer relationship 575 
Badger-Bauer rule 543, 563. 1379 
Band broadening 577ff.637ff. 750. 1099 
Band shape 577. 588 
Band width 577ff. 588ff. 637ff 
Band splitting pattern 577ff. 1080 
Bare proton model 178 
Barium chlorate hydrate 930 
Barium chloride dihydratc 930 
Barker method 1228 
Barrier height 904. 905. 908. 918. 926 
Bases 687. 693ff. 742ff. 1414 
conductivity base solutions 689. 757ff 
salt effects on polarizable H-bonds 744f 
solvate structures 693ff. 753ff 
Basis sets (in MO calculations) 3Iff. 46. 56. 

59ff. 63ff, 70. 106. 112f. 139. 176 
Bending vibration (see also H-bond bending 
mode) 175. 594ff 

Bcn-Naim-Stillingcr Potential 1374 
Bent H-bonds 362. 369. 40Iff. 466. 529ff. 
1079 


Benzene, adsorption on oxides 1273. 1274. 

1276ff. 1286. 129 Iff. 1342. 1343. 1346 
Benzene, adsorption on silica 1273. 1274. 

1276ff. 1286. 129Iff 
dielectric behavior 1292 
electronic spectra 1292 
entropy of adsorption I293ff 
intramolecular vibrations 1292 
NMR relaxation times 1294ff 
set diffusion coefficients 1294ff 
Benzene HI complexes 1102 
Benzoic acids 533 

Beryllium oxide, adsorption on 1343 
Beryllium sulfate tetrahydratc 930 
BcHBe * 182 

BET monolayer 1008. 1015 

Bichloride ion (CIHCI ) 186. 697 

Bifluoride ion. see Hydrogen fluoride ion 

Bifurcated H-bonds 408 

Bigclciscn equation 1244 

Binding energy. H-bond 182 

Biological membranes 558. 760 

Biopolymers 759fT. 1012 

Bjerrum faults 966 

Boltzmann distribution 230 

Bond angles in hydrates 530 

Bond energy analysis (BEA) 58 

Bond length 401 fT. 574. 1113. 1118. 1121. 

1125. 1132f. 1137. 1140 
Bond orbital analysis 71 
Bond polarity 77 
Born approximation 1173 
Born-Oppenheimer approximation 30. 168 
Born-von Karman periodic boundary 
condition 142 

Boundary structures of proton 692. 693. 706 
and structure diffusion 757f 
Brillouin scattering 1125. 1156. 1158 
Brillouin zone 893. 909 
Buckingham's theory 616 
1.4-Butanediol 543 
0 -Naphthol 10 
/?-Naphthylamine 10 
p-Q uinol 1420 

Calcium oxide, adsorption on 1343 
Calcium sulfate dihydrate 930 
Carbocations 131 
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Carbonyl groups as H-bond acceptor 417 
Carboxyl group 467. 1011 
Carboxylic acids 303. 307. 330. 923. 1070. 
1089. 1099. 1100 
adsorption on oxides 1344. 1349 
Carboxylic acid dimers 5IT. 577IT, 735. 779f 
Cartesian coordinates 170 
Centered H-bonds 426. 428. 503 
Cesium dihydrogen arsenate 1117. 1124 . 

1131 f. 1154-56 

Cesium dihydrogen phosphate 1117, 1121 
Cesium trihydrogen selenite 1121. 1 1 36. 1139 
CsHCI 2 932 

Change of dielectric constant by ions 1408 
Channel adducts 1420 
Charge transfer 73ff. 88. 92. 129 
complex 942ff 
dipole moments of 942ff 
effects 6. 9ff 
energy 40. 44. 59. 89f. 97 
model 1286ff 

Chemical potentials of binary mixtures of a 
selfassociating compound and an inert 
solvent 1234 

Chemical shifts 809ff. I208ff 
,3 C 822. 825 
,V F 809, 826 
,4 N and l5 N 823 

Chloride anion, complex with water 119 
Chromia, adsorption on 1345 
Critical and tricritical points 1119f. 1130. 
1153, 1154 

Critical exponents 363. 383-385 
Critical fluctuations 1115. 1119. 1121 f. 1123f. 
H29f. 1135. 1140. 1141. 1144. 1149. 1158. 
1160 

Cross-over of the vapor pressure ratios 1243 
Cross section 896 

Cross section for neutron scattering 894. 909. 
926 

Cryogenic temperatures 1067 

Crystallites 1080 

Crystal orbital method 142f 

Clays, adsorption on 1348ff 

Clathrates 964. 985ff 

Cluster approximation 1128. 1131. 1140, 

1157. 1158 
Clusters 1393f 


in water 1053. I393f 
Coercive field 1119. 1152 
Colemanite 1149. 1160 
Collision complexes 573 
Collisional interactions 581 
Colloid effects 1404 
Combination tones 583. 619. 633. 635 
Combination transitions 181 . 199 
Complete neglect of differential overlap 
(CNDO) 37-40. 51 IT. 70. 83. 113. I I6ff. 
I23ff. 129ff. I351T. 141 IT. I43ff. 146f 
Complexes 
free radical 819. 826 
bihalidc 820 
vapor 818 

higher order 824. 826. 942. 944. 949 952 
955 

Conductivity, anomalous proton 757fT. 973ff 
salt effects on 758 

Configuration interaction 33. 49f. 70. 143 
148. 182 

Conformation of biopolymers 786f 
Conjugate-chelate H-bonds 603IT 
Consistent force field 85ff 
Constant of ionization 12ff 
Content 

of free OH groups 1378 
of non-H-bonded OH groups in water 1378 
of non-bonded OH groups of H,0 1405. 
1406 

Continuous association 1231 
Continuous IR absorption (jcc IR 
continuum) 

Continuous rotational diffusion 914 
Continuum model 1373 
Continuum (see IR continuum) 

Coordinate systems, for molecular 
interactions 128 f 

Coordination numbers 1372. 1386 
Coordination number in a liquid model 1371 
Coordination numbers of the urst next 
neighbours 1374 
Cooperative bonds 362-372 
Cooperative effects 1335 
Cooperative mechanism 553f, 1388. 1405 
Copper (II) chloride dihydrate 930 
Copper formate tetrahydrate 1148. 1160 
Copper (II) sulfate pentahydrate 930 
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Correlation 

energy 33, 49. 97ff 
function 591. 895. 1171, 1173, 1313 
Correlations 407ff. 557ff. 120911 

between N-H-bond length and N • • • O 
distance 412 

between N-H-bond length and H ■ • • O 
distance 412 

between O-H-bond length and H- • O 
distance 410. 411 

between O-H-bond length and O - • O 
distance 410. 411 

between N-H • ■ • O angle and H • • • O 
distance 407 

between O-H • • O angle and H * • • O 
distance 406 

bond length and wave number shifts 574 
IR intensity and bond strength 576 
of protons in H-bonds 248. 253. 259ff 
spectroscopic shifts and enthalpy 1209ff 
wave number shift and bond energy 5741 
Correlation time 591 
rotational I032ff 

Coulomb energy 42. 47. 52. 59. 63 
Coulomb integral 37. 52f 
Counterpoise method (correction of basis 
set error) 63 

Coupled electron pair approximation 
(CEPA) 35. 36. 66f. 70. 148 
Coupled equilibrium of cyclic dimers and 
trimers 534 

Coupled equilibrium of different aggregates 
541 

Coupled mode theories: Kobayashi. etc. 

1128f, 1131, 1133f. 1155f 
Coupling constants 329. 345, 346 
Coupling 
electrical 201 
mechanical 201 

of vibrations and IR continuum 728, 731 
Covalent energy 88 

Covalent H-bond contributions 1216-1219 
4-Cyanopyridine. adsorbed on silica 1282 
Cycle structures 537ff. 1074ff 
Cyclic aggregates of methanol, water 547 
Cyclic dimers 531, 535, 550 
Cyclic structures 537ff, 1074ff 
Cyclohexanone oxime 535 


Cyclopentanone oxime 538. 539 
Curie point. T c (ferroelectric transition 
temperature) 1114. HI6f. 1125, 

1135-1151. 1153. 1159 
Curie-Weiss law 1117. 1119. 1120, 1132. 

1136. 1142-51. 1153. 1159 
Coumarin dyes 16 
* 'C chemical shift tensors 

for solid acetic and thioacetic acid 881 
' 5 C1 quadrupole coupling 
NMR frequency 854 
temperature dependence 856 
and the strength of the H-bond 855 
theory of 855 

in NH 4 H(CICH 2 COO) 2 856. 857 
C 2v symmetry of liquid water 554 

Damped proton motion in H-bonds 233 

Dcbyc-Huckcl theory 1414 

Dcbyc-Wallcr factor 898 

Defects in H-bonded networks 34Iff. 345 

Deformation modes 594ff 

Delocalization energy 55. 91 

Density of vibrational states 897 

Desalination processes of water 1420 

DNA 759ff. 1012 

Dcutcration 181 

Deutcration shift of y AH 572. 600 
Dcutcratcdcompounds 186. 205. 42Iff, 690f, 
696. 844. 847. 848. 850. 926. 927. 967. 

1009. 1071. 1077, 1082. 1084-87, 1090. 
1094. 1095. 1099. 1102. 1230. 1235-40. 
1242-1244. 1251, 1254-57, 1380. 1381 
Deutero-acetic acid 1099 
Dcutero-biduoride ion 186 
Deutero-mcthanol 1094. 1095 
Deuteron dynamics 

and the form of the potential surface 842- 
846 

and ferroelectric phase transition 845-846 
and spin lattice relaxation 847-849 
Deuteron quadrupole coupling and electric 
field gradient tensor 
theory of 838. 841.842 
proportionality of deuteron quadrupole 
coupling to square of OH stretching 
frequency 889 
deuteron dynamics 843-849 
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in KD,P0 4< KD : As 0 4 and CsD : As0 4 844 
and strength of H-bond 838-842 
and the strength of the O-H • • O bond 
838. 840. 841 

and the strength of the N D- • O bond 
841 

and the strength of the O-D • - Cl bond 
841 

and the strength of the B-D - • -Cl bond 
841 

Deuteron quadrupole coupling in symmetric 
H-bonds 838. 842 
Deuterium bonding I227IT 
Deuterium chloride 696. 1077. 1082 . 1102 
Deuterium cyanide 1084. 1085 
D-defccts 965. 966. 969 
Deuterium halides 1071. 1077 
Deuterium isotope shift 572. 600. 1085. 1095 
Deuterium oxide 967. 1009. 1086. 1087 
Deuterium sulphide 1090 
Dialcohols 544 
Diborane 7 

Diaquahydrogen ion (see H 5 0 : * and 
Hydronium hydrates) 

Diaquaoxonium ion 
structure 481. 507. 674fT 
theoretical studies 520 
Dielectric absorption in adsorbates 998IT. 
1292. 1298. 1313. 1314. I3I5IT. 1322. 1328. 
1335. 1343. 1345. 1347ff 
Dielectric constant in ice 1402 
Dielectric constant of H : 0 1399 
Dielectric dispersion 967ff 
Dielectric polarization 940. 963 
Dielectric relaxation 1113. 1119. II27f. 

I I29f, 1134 

Dielectric susceptibility 1118. 1126. 1 !29f. 
1132. 1137. 1139. 1142-43. 1145. 1147-48. 
1150-52. 1156-59 
Dielectric titration 955. 956 
Dicthylaminc(C\H 5 ),NH 1230. 1236. 1237. 
1243 

Diethylamine (C\H 5 ) 2 ND 1230. 1238. 1239. 
1243 

Difference map 398 
Diffusion 910. 912. 913 

Dihydratcd proton (H 5 0 2 ')(see Hydronium 
hydrates and H 5 0 2 *) 


Dihydratcd deuteron 203. 696 
Dihydratc of polyethylene oxide derivatives 
557 

Diisopropyl phenol 647 
Dimensions of the area of H-bondcd 
molecules I394f 

Dimers 53Iff. 537. 539. 1068. 1069. 1073-75 
1078. 1083-90. 1092. 1096. 1098. 1104 
open chain 1074. 1076. 1084. 1087. 1088 
1090-92. 1095. 1096. 1098. 1099. 1104 
cyclic 107. H6fT. 531 ff. 1074. 1075. 1079 
1086. 1088. 1091. 1094. 1096. 1104 
pseudodimers 1081 
linear I07ff. 129 
bifurcated 107 

Dimcthylaminc (CH,),NH 627. 1230. 1236 
1237. 1243ff 

Dimcthylaminc (CH,),ND 1230. 1238. 1239 
1243fT 

Dimcthylaminc (CD 0 .NH 1230. 1236 . 1237 
!243fT 

Dimcthylaminc (CD,),ND 1230. 1237. 1238 
I243IT 

DMSO with acid. IR continuum 694, 704 
735 

Dioxanc 942 
Dioxane effect 940 
Dipole-dipole interactions 552. 1081 
Dipole energy 950 

Dipolc-quadrupole interactions 1081 
Dipole moment 32. 33. 36. 49. 64. 65. 77. 85. 
89. 98ff. 107. 139. 169. 177. 940. 942. 950 
954. 960. 962. 969 
ofH 5 0,* 175.724 
of hydrogen bonds 946ff 
of alcohols 541 

Dispersion energy 40. 44. 45. 56. 97fT 
Displacive transition 113f. 1128. 1144-1145 
1150. 1160 
Dissociation of acids 
true degree of 689 
processes with 753ff 
Distance criterion for H-bonding 401f 
Domain walls 1119. 1129, 1135. 1153. 1160 
Dopant molecules (in matrices) 1101 
Double hydrates 1419 

Double minimum potential well 3. 172. 175. 
196. 220f. 240. 247. 249. 261. 263, 266, 
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279. 288f. 291. 692fT. 917. 918. 920. 921. 

923. 925. 928 

and polarizability of H-bonds 706f. 722IT 
Double perturbation theory 49. 56 
Double scale enthalpy equation 1212. 1216 
Dynamic reorientation (see also Molecular 
dynamics studies) 4 

Dynamic structure factor 1176. 1189. 1190 
DL-scrine 462 

Effective potential depth in water 1054. 1055 
Effects of H-bonding on vibrational modes 
568ff. 620ff. I209ff 
Eight-vertex problem 363. 383-385 
Elastic incoherent neutron scattering,908. 

91 Of. 921.923 

Electrical anharmonicity 299. 303. 315. 353. 
620. 648 

Electronic spectra of adsorbates 1290. I292ff 
Electrical (protonic) conductivity 

proton interbond jumps 757ff, 761 ff. 973ff 
of adsorbates I299ff. 13l3ff. 1327. 1330. 
1336. 1347ff 

Electric field gradient tensor 
definition 835 

relation to electronic structure 835 
relation to point symmetry at nuclear site 
839 

Electric quadrupolc moment of the nucleus 
834 

Electrolyte solutions 1403 
Electron affinity 10 

Electron correlation 33. 47. 49. 70. 130. 148. 
151 

intramolecular 49. 64 
intermodular 64 

Electron density 73. 74. 81. 82. 149. 187 
Electron density difference function 73. 74 
Electron exchange 41. 47 
Electron excitation spectra 143ff 
Electron nuclear double resonance 
(ENDOR) 1 155, 1223 
Electron hole potential theory 145 
Electron pair theory 36 
Electron paramagnetic resonance 1122f 
Electron excited states 8 ff 
Electrostatic fields 179. 187 
effects on H-bonds 724ff 


Electrostatic H-bond contributions 1216-1219 
Electrostatic energy (see also Coulomb 
energy) 42. 49. 51. 56. 59. 107. 119. 129 
Electrostatic potential, molecular 8 Iff 
Enclalhration 1420 

Energetically unfavoured H-bonds 1381 
Energy levels 199. 249. 253ff 
continuous distribution of 720ff 
shifts due to electrical fields 202. 724ff 
shifts due to interactions 728ff 
Energy partitioning 46. 50. 52. 57ff 
Energy in intramolecular H-bonds 124fl 
Energy resolution 896. 898. 904. 910. 911. 
916.918.921 

Energy surface (see also Potential energy 
function) 25fT. 168. 183. 188. 199. 210. 

220. 301. 379. 693. 736fT. 842ff 
Entropy change at the transition 920 
Entropy of adsorption I293ff. 1305. 1315. 

1327. 1343. 1345. 1348 
Equilibrium constant 814. 826. 951. 1397 
of ethanol aggregation 1397 
of water aggregation 1397 
Equilibrium geometry 28. 34. 35. 39. 40. 56. 
68 . 77. 82. 88 . 94fT. 107. l08fT. 112. 114. 

117. I20f. 125. 129ff. 140. 144. 403ff. 

530ff 

Ethane thiol 1097. 1098 

Ethanol C : H,OH 926. 927. 932. 1069. 1230. 

1236. 1243ff. 1378 
Ethanol CH,CD : OH 926 
Ethanol C : H 5 OD 926. 1230. 1238. 12431T 
Ethanol C:D 5 OD 1230. 1238. I243ff 
Ethanol C;D 5 OH 1230. 1236. !243f 
Ethanol CD ; CH : OH 926 
Ethers, adsorbed on silica 1277. 1279. 1281. 
1291 

Ether hydrogen chloride 635 
Ether hydrogen lluoride 634 
Ethyl alcohol (jee Ethanol) 
EthylamineC,H 5 NH : 1230. 1236 
Ethylaminc C : H 5 ND, 1230. 1238 
Ethylene, complexes with polar molecules 
95ff. I04ff 

Ethylenoxide derivatives 1404 
Ethyl mcthylamine CH 3 C 2 H 5 NH 1230. 1236 
Ethyl methylamine CH 3 C 2 H 5 ND 1230. 1238 
Evans effect 592. 599. 602 
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Exchange energy 41. 42. 52. 59. 97 
Exchange, slow and fast 1041 f. 1048. 1054 
Exciplexes 10 

Excited states. H-bonds in 143IT 
Expansion of the areas of H-bondcd 
molecules of H,0 I 393 
Expansion of H-bondcd aggregates of 
electrolyte solutions 1407 
Eyring formula 917 
E and C parameters 1212. 1217 

Fermi interaction 19 

Fermi resonance 181. 201. 256. 26If. 302. 

303. 325. 346. 571. 586. 590. 592. 632. 639. 
643. 732 

Fcrroelectricity and ferroelectric 
substances 326. 340. 346. 382-385. 908. 

920. 924. 965. III3IT. II78IT 
and polarizability of H-bonds 748 
First hydration shell 748IT. 1413 
Fissure plains 1394 
Fivc-mcmbcred rings of water 558f 
Flickering clusters 370-372. 1053. I393f 
Fluctuating potential 225. 233 
Fluctuation of proton 693 
and H 7 0 4 753IT 

and H.,0 4 * 753ff 
charge fluctuation forces 729 
Fluorescence quenching 10 
Fluoride anion 

complex with water II9IT. 203 
complex with monodcutcratcd water 205 
Fluorine bridging 7 
Fluorine hydroxide, complex of I08IT 
Fluoro alcohols 1096 
Fluoro carbon solvents 621. 628 
Forster cycle 13 

Force constants 33ff. 39. 66. 77. 170. 174. 

178. 902. 909.910. 943. 1080 
Formaldehyde 9 

complex of 1080'. 125. 127. 131. 135. 143fT 
Formamide 
cyclic dimer 209. 116f 
hydration 85. 86. 109 
linear dimer 111 
two-dimensional networks 142 
translatory and rotatory modes 772-774 


far infrared dipole correlation function 
and phonon lifetimes 775 
Formic acid 932. 1099 
dimer (vapor) 
structure 771 

infrared relaxation 778 780 
proton tunneling in H-bonds 779-780 
cyclic dimer I I6f. I50f 
Fourier map 398 
Franck Condon state 13 
Franck-Condon transitions 316. 338 
Freon solvents 621. 628 
Frequency distribution 897. 898 
Frequency spectrum 893. 901.902. 906 
Frost damage 1317 

Fundamental spectrum of water in solid 
argon 548 

Fundamental stretching vibration of HOD 
1381 

Furan. adsorbed on silica 1277. 1281 

Gas hydrates 559. 1415. 1419 
Gas phase 19 

H-bonding in 634IT 
Gaussian approximation 915 
Gaussian distribution 227 
Geometrical requirements in H-bond 
formation 413 

Geometry of water in hydrates 436 
Germanium oxide, adsorption on 1342. 1343 
Gibbs energy of binary mixtures from a self 
associating component and an inert 
solvent 1232 

Gibbs-Hclmholtz equation 1392 
Glycerol 932 
Glycolc 548 

Grotthus conductivity (see also Electrical 
(protonic) conductivity) 757ff. 979ff 
salt effects on 759 

Guanine-cytosine base pair 116. 118. 759f 
Hall effect 997 

Harmonic approximation 169. 170, 182. 205 
Hartree equations 182 
Hartree-Fock approximation 31. 379 
Hartree-Fock limit 32. 33. 37 
Hartree-Fock orbitals 33 
Heat bath of harmonic oscillators 225 



SUBJECT INDEX TO VOLUMES l-IU 


Heat capacity of adsorbates 1306. I309ff. 

1342. 1345 

Heat content of the intermolccular degrees 
of freedom in a liquid 1391 
Heats of adsorption 1273ff. 1285ft. 1291. 

1298. 1319. 1322. 1327. 1328. 1333. 1335. 
1338. 1342. 1343. I345ff 
Heats of immersion 1309. 1343. 1345. 1349 
Heat of melting of H>0. CH,OH. C\H 5 OH 
1379 

Heat of sublimation of ice 1369 
Heat of vaporization of H : 0. CH .OH. 

C : H 5 OH 1379 
Helium dimer 54 

Helium, complexes with polar molecules 93IT 
Hemoglobin 1015 

Hcptakaidccahcdron cage of water molecules 
1416 

Hetero-associated species 1100-1102 
Hetero excimer 10 

Hexafluoroacctyl acetone, cnol 125. 127 
Hcxafluoro propanol 1096 
High resolution NMR in solids 
Hamiltonian 842 

experimental technique 874. 881- 882 
in oxalic acid dihydrate 877 
in malonic acid 879 
proton chemical shift tensors 878 
carbon-13 chemical shift tensors 881 
chemical shift tensor and the strength of 
the H-bond 880 

Hindered rotation 1122. I I46f. 1149. 1159 
H<0* (see Hydronium ion) 

H,0 : - (see also Hydroxyde hydrate) 120. 
688. 693tT. 753ff 

concentration and 1R continuum 742fl 
H 5 0^ * (see also Hydronium hydrates) 474f. 
498ff. 667ff. 687. 689ff. 7531T 
concentration and IR continuum 742 
dipole moment 195. 250. 724 
Grotthus conductivity 757f 
polarizability 722 

potential energy surface in 194. 726 
salt effects on 744f 
SCF calculations 191 fT. 723ff 
structure and spectra, solid state 474f. 

498ff, 667ff 
structure diffusion 692 


H,0 4 688. 753IT 

H.,Oj • (see also Hydroniumtrihydrale) 

51 Off. 677ff. 688. 753ff 
fluctuating structure 753ff 
structure and spectra, solid state 5IOfl.677ff 
Hofmcistcr ion scries 1404 
Hole defects 1387 
Hole-defect model 1371 
Hot bands 640. 641 
Hybridization of lone pairs 129 
Hydrated proton (see Hydronium ion) 

Hydrates 433. 902.964 
Hydrate structures 593. 1414 

H * and OH * 491 ff. 659ff. 753ff 
Hydration 998ff. 1000 

and polarizability of ll-bonds 748 
Hydrazoic acid 1090. 1091 
Hydrocarbons 85 

Hydrocyanic acid (see Hydrogen cyanide) 
H-bond 

angle I28ff. 549 

angle distribution 404 

bending mode 175. 5941V. 1074. 1076. 1084. 

1086-1088. 1091. 1094. 1095. 1100. 1102 
content during ice melting 1371 
definition 3. 401 
disorder 667. 673. 674 
energies 539. 1092. 1395 
energy per OH group 1369 
geometry 40Iff. 52911 
in ice I425ff 

infrared force constants 658 
linearity 403. 434. 529ff 
proton transfer in (see Proton transfer) 
polarizable (see Polarizable H-bonds. 

Polarizability of H-bonds) 
potential function (see also Potential 

energy functions) 220. 693. 7361T. 842ff. 
1085 

rupture and molecular mobility 25ff 
of NH,' in L-alaninc 776 
of glycerol 777 
shift and anharmonicity 644 
temperature and shift 646 
and weakness of overtones 648 
H-bonded crystals 395ff. 1425ff 
H-bonded cyclic dimers 303. 307. 330. 53Iff. 
735. 1074ff 



SUBJECT INDEX TO VOLUMES I-III 


H-bonding conferences 6 
Hydrogen 
cyanide 1083-1085 

complex of 108ff. 112. 135. 141 
complex with hydrogen fluoride 642 
chloride 909. 932. 1071. 1072. 1075. 1080. 
1083. 1101. 1102. 1103 
complexes 107. 108. 110. 112 
dinuoride anion 431. 118. 120. 183 
fluoride 932. 1071 
crystal 14 Iff 

dimer 27. 55. 57. 60. 61. 64-67 
molecule 35. 89 
oligomers I35f 

fluoronium cation, complex with hydrogen 
fluoride 121 

halides. HCI. HBr. HI l!47f. 1160. 1071. 

1072. 1073. MOO. 1103 
iodide 1071. 1073. 1075. 1080. 1101-1103 
maleatc anion 125, 127 
molecule, complexes with polar molecules 
93ff 

peroxide, complexes of I08ff 
position from X-ray and neutron 
diffraction 398. 399. 400 
sulphide 1087-1090. 1103 

anion, complex with hydrogen sulfide 
120 

dimer 107. 108 

Hydrolysis of H ; 0 due to ions 749 
Hydronium 
compounds 930 

hydrates (see also H<0 ; *. H.,0 4 * and 
Diaquaoxonium ion) 118ff. I50f. 190. 
474f, 498ff. 659ff. 667f. 687. 689ff. 753ff 
structure and spectra (liquid state) 687. 
689fT. 753ff 

structure and spectra (solid state) 474f, 
498ff. 667ff 

ion (H x O*) 4721T. 480. 659ff. 69If 
dissociation of I481T 
fundamental vibrational modes 665 
NMR 476. 497f 

structure and spectra (solid state) 477f. 

491 ff. 66Iff 
theoretical studies 517f 
X-ray 4851T 

dihydrate (solid state) 507ff. 674IT 


nitrate 930 

perchlorate 903ff. 911.915. 930 
polyhydrates 139ff. 753ff 
trihydratc {see also H^0 4 *) 
fluctuating structure 753ff 
structure and spectra (solid state) 677ff 
Hydrophobic 
forces 1418 
groups 1418 
hydration 1056 
side 1416 

Hydroxide hydrates (see also H ,0, and 
H 7 0 ; -) 120. 688. 693ff. 753ff 
Hydroxide, polyhydrates 139fT. 753ff 
Hydroxonium hydrate (see Hydronium 
hydrate) 

Hydroxonium ion (see Hydronium ion) 
Hydroxylaminc. complexes of 108ff 
Hydroxyl groups, on alumina 1328IT 
Hydroxyl groups, on silica (see Silanol 
groups) 

3-Hydroxy propionic aldehyde I24ff 
Hyperpolarizability 193 
of H 5 0 : • 725. 727 
of H-bonds 725. 727 
Hysteresis 1151-1152. 1158 


lee 138. 14If. 634. 8981T. 902. 929. 964. 966ff. 
I4251T 

bending vibrations 1461 ff 
doped with HF 1403 
dissociation energy 1453IT 
geometries 14301T 

nucleation of. on surfaces 1311. 1316. 

1317. 1336 

OH stretching vibrations 1458IT 
residual entropy of 363. 368 
rotational vibrations 1461 
iceberg forming 1418 
Iceberg structure 1418 
Iceberg-like structure of water 558f 
Ideal associated solutions 1229 
Ideal liquid 1387 
Imidazole solutions 708f 

Grotthus conductivity of semi-protonated 
761 IT 

Imperfections 967 
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Improper ferroelectric* 1139-1140. 1143. 
M45. 1146. 1158 


Impurities 983 

Incoherent scattering 893IT. 1177. 1179. 1181. 
1190 

Independent electron pair approximation 
34-36. 66ff. 70. 98. 103. 147 


Induced bands 1101. 1102 

Induced dipole interactions 688. 729IT 


and IR continuum 731 ft 
Induced dipole moment 179. 197 


Inductive effects 945 

Induction effects in H-bonds 248. 252. 270. 


291.688. 729ff 
and 1R continuum 731 IT 
Inelastic neutron scattering 18. 893ff. 1I77IT 
IR absorption intensities 77. 78. 80. 177. 178. 


200. 256IT. 576. 648 

Infrared bandshapes 314. 319. 337. 577. 583. 


637ff 

of adsorbed molecules 1290 
IR continuous absorption (.vet* IR continuum) 
IR continuum 247. 277. 281.687IY 
a more general effect 694 
and polarizability of H-bonds 728IT 
dependence on concentration ot 
polarizable H-bonds 7421 

H»<V 693fr - 753ff 

H 5 0> * 689IT. 753ff 
h‘o 4 * 753ff 

influence of temperature 693. 745fl 
non-aqueous systems 694IT 
reasons for 731 f 
salt effect on 744f 
table for systems with 646 703 
wave number dependence 734ff 
with adsorbed molecules 717. 1301 ff 
with asymmetrical H-bonds 7I8IT 
with dissolved molecules 707IT 
Infrared shift techniques 1207 
IR spectra 537ff. 566ff. 614ff. 684ff. 689ff. 
768ff. 945. 972. 979. 11 34. 1145. 1148. 

1159. 1377ff 

1 R transitions, intensity of (see 1R absorption 


intensities) 

Initial proton states 227 
Initial wave packet 223 
Intensity of y AM (see a/so IR absorption 


intensities) 576 

Interaction energy of water 1369 
Interaction potential 1080. 1081 
Interaction between H-bond protons 253ff. 

272. 276f. 281 fT. 290. 687f. 729f 
Interaction of H-bonds with environment 
and IR continuum 728ff 
induced dipole 688. 729 
proton dispersion forces (see also 

Interaction between H-bond protons) 

687f. 729f 

Intermediate neglect of differential overlap 
(INDO) 37 40. 71. 83. I23ff 
Intermediate scattering function 895 
Intcrmolecular relaxation rate 1032. 1046. 

1048 

Internal coordinates 169. 170 
Internal energies of liquid water 1 369 
Intramolecular degrees of freedom 224 
Intramolecular H-bonds 3. 1231 f. 542. 544. 
603. 720. 953 

orz/io-halophcnols. torsional vibrations 
and electronegativities of halogen 
substituents 780f 
polarizable 720 
saccharides 781 

Intramolecular relaxation rate 1031. 1047. 
1050 

Inverse vapor pressure isotope effect 124011 
lodoalkanc-HI complexes I I02f 
Ion exchange resins 1010 

polarizable H-bonds in 68911 
Ionization potential 10 
Iron oxide, adsorption on 1336. 1345 
Ising model 1131. 1148. 1152 
Isomerization 220 
Isomerization rates 219 
Isosbeslic points 140 

Isotope effect 324. 333. 338. 348. 350. 420. 
507. 600. 1113. 1116f. 1124. 1127. 1129. 
1132. 1133. 1135-40. 1141. 1143-51. 1154. 
1155. 1157. 1159 
1 R continuum 690 
on y A „ 572. 600 

Isotopic isolation 581. 624. 635. 638 


Jacobian coordinates 171 
Jump diffusion 914f 



SUBJECT INDEX TO VOLUMES I-III 


Jump length 919 

Jump rotation 911. 912. 916-19. 923 
Kaolinitc. adsorption on 1349 
Lactams 531 

Lactim-lactam equilibrium 12 
Lagrange equations 169. 170 
Laser pulses 
intensity effects 15 

ultrashort, and time resolved spectra 15 
Latent heat, entropy of transition 1120. 1129. 

1134f. 1137. 1141. 1145. 1147 
Lattice modes of 
solid formamide 772 
solid methanol 778 
biopolymer model substances 786 
La : Mg ; (NO;) i: 24H : O930 
Lead monctitc 1159 
Lecontitc 1146. 1159 
Lennard-Jones potential 86ff 
Librational levels 1082 
Librational mode 1076. 1085. 1088 
Libration band (see also Torsional 
vibrations) 1383 

Lifetimes of H-bonds 4. 1035. 1041f. I046f. 
1053. 1415 

Lifetime of proton in XH group 1030. 1050. 
1052. 1055 

Linear combination 173 
Linear enthalpy, spectroscopic shift relations 
1209. 1210 

Linear H-bond 403IT. 530fT. 1079. 1379 
Line profile 893 

Lingering times in potential wells 247. 266. 
279. 285. 2881* 

Lippincott Schroder model 1214 
Lithium 

ammonium tartrate 1143. 1158 
chloride hydrate 930 
hydrazinium sulfate 1151 
perchlorate trihydrate 930 
sulphate hydrate 930 
thallium tartrate 1143 
trihydrogen selenite 1121. 1138. 1140. 1136 
Localized molecular orbitals (LMOs) 68. 141 
Lone pair electrons 5. 413 
Lorentzian -Gaussian convolution 910. 911 


Low temperature effects 582. 587 
Lyotropic ion series 1409 
L-defects 965f. 969 

Manganese oxide, adsorption on 1345 
Magnesium oxide, adsorption on 1342. 1343 
Magnetic dipole-dipole interaction 1030 
Magnetic fcrroclcctrics 1148. 1151 
Magnetic susceptibility of H’O 1398 
Malonic dialdehyde, cnol I24ff. 150. 151 
Malonic acid difluoridc. cnol I25ff 
Mass tensor 898 
Matrices 

noble gases 1067. 1069 
nitrogen 79. 1067 
carbon monoxide 1067 
Matrix isolation technique 545IT. 580. 582f. 
603. 1067IT 

Maxwell - Wagner dispersion 998. 1006. 

1009. 1013 

Mean association number 543 

Mean field theories (Slater. Tagaki ct al.) 

I I26f. 1129f. 1132f. 1134. 1137. 1143. 

1144. 1148. 1153f. 1157 
Mechanical anharmonicity 177. 204. 298. 

303.321. 614-42 
Melting heal of water 1387 
Membranes 558 

proton conductivity with 76Iff 
Membrane mechanism 558 
Mcsomorphism 19 

Mctastablc proton states in H-bonds 279f. 
755 

Mcthancthiol CHjSH 1097. 1098. 1103. 

1230. 1236. 1243 

Mcthancthiol CHxSD 1230. 1238. 1243 
Mcthancthiol dimer 108 
Methanol (CH*OH) 545. 546. 9261T. 927. 
932. 1093. 1094-96. 1103. 1230. 1236. 
1243IT. 1378. 1379 

complexes of 108IT. 143fT. 1230. 1234f. 
1238 

protonated and deprotonated 694f. 704f 
trideutcratcd 926.927. 1230. 1236, 1243IT 
2-Mcthoxypyridine. adsorbed on silica 1278, 
1279. 1282 

Methyl alcohol (see Methanol) 

Methylaminc 1230. 1238ff. 1280. 1236, 1239 
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Mcthylchloroform 8 

4 -Mcthyl umbellilerone I6IT 
Mcthylmcrcaplane (see Melhanethiol) 

Micelle building 1409 
Microviscosity 1039 
Microwave spectroscopy 115 
Minerals 999. 1003 
Minimum energy pathway 151 
Minimum of dipole moment 541 
Minimum of the specific heat of water 1389 
Mixed association 3 
Mixed hydrates 1419 
Mixture models 1373 
of certain species 1373 
of water 1401 

Molar surface tension 1391 
Molecular clusters 1103 
Molecular dynamics calculation 380. 902 
Molecular dynamics studies 
of collective proton motion 1178ff 
with dielectric methods 938ff 
with inelastic neutron scattering 901. 915 
with nuclear magnetic resonance relaxation 
1028fT 

Molecular liquids 911 

Molecules-in-moleculcs (MIM) method 67fi 

Modulation method 18 

Monomers of H:0 1394 

Monte-Carlo calculations 380f 

Montmorillonitc. adsorption on 134811 

Morse curve 172 

Morse potential 88ff. 615 

Multimcrs 1068-70. 1075. 1080. 1084. 1089. 

1090. 1092-95. 1098f 
Multipolc site trapping 1084. 1086. 1095 
Multipole expansion 83 

N-H distances 456. 466 
N-H • • • O bonds 464-467 
N-Methylacctamidc 632 
N-Mcthylanilinc 631 
N-Methylpivalamidc 632 
,4 N quadrupole coupling 
NQR frequency 858 
and the strength of the NH* • • N bond 
859 

and the N-H bond stretching frequency 
859 


temperature dependence 860-862 
effect of deuteration 862 
theory of 859 
in TGS 860f 

Neutron elastic incoherent scattering 908. 
9IOf.92l.923 

Neutron inelastic scattering 892ff. 1169ff 
coherent 895. 902. 906. 908. 921. 928. 

1169 

incoherent 893ff. 1177. 1179. 1181. I I90f 
of adsorbates 1305. 1333. 1347 
Neutron diffraction 395. 459. 494. 502. 510. 

1113. 1118. 1121. 1134 
Neutron momentum transfer 893 
Neutron scattering (see also Neutron elastic 
and neutron inelastic scattering) 597. 1113. 

11231. 1153. 1155 
Nickel sulphate heptahydrate 930 
Nickel sulphate hexahydratc 930 
Nitriles, adsorption on oxides 1278. 1344. 

1346ff 

Nitrogen, adsorbed on silica 1276. 1280 
Noble gases 1067 

Noble-gas atoms, complexes 54. 93ff 
Non-additivity of intermolecular energies 
I32ff. 136. 140. 142 

Non-H-bonded liquids, correlation time for 
1036 

Non-H-bonded OH groups 1373. 1415 
Non-linear effects 959 
Non-stalionary proton states 227 
Normal coordinates 169. 171 
Normal coordinate analysis 568 
Normal modes of vibration, computer drawn 
664. 666 

Normal vapor pressure isotope effect 1240IT 
Nuclear double resonance 
in the laboratory frame 853 
in the rotating frame 861 
Nuclear magnetic resonance NMR 
adsorption line shape 

in case of an axially symmetric chemical 
shift tensor 876 

in case of a non-axially symmetric 
chemical shift tensor 875. 876 
dipolar line shape of an AjB* ion 871 
of KH : F>868 
chemical shifts 77. 81. 139 
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of H : 0 1398 

of adsorbates 1299. 1319. 1339. 1244. 
1346. 1347 

deuterium pulsed 1328 
in solids 
wide line 867 
high resolution 872 
proton resonance shifts 1208 
quadrupole interactions, spin-lattice 
relaxation 1113. 1120f. 1127. 1129f. 1132. 
Il37f. 1140. 1141. 1143. 1145-50. 1153-54. 
1157-60 

relaxation times 

of adsorbed molecules 1305. 1306. 1311. 
1316. I3271T. 1336. I347ff. 1391. 

1394ff, 13981T 

wide line of adsorbates 1297. 1343. I3451T 
Number of non-H-bonded OH groups 1415 
Nuclear quadrupole resonance (NQR) 834- 
848 

Nuclear quadrupole interaction 1034 
Nylon 558 

Octet theory 5 

o-hydroxyphenanthrene aldchydcanil 11 
Olefins, adsorption on oxides 1346. 1348 
Oleic acid 932 
One-minimum potential 3 
One-phonon approximation 897 
Optical properties (see also Brillouin and 
Raman scattering, and Infrared spectra) 
1113. 1139. 1151 
n O quadrupole coupling 
dependence of the transition frequencies 
on the asymmetry parameter 852 
and the strength of the O H • • O bond 
850 

effect of proton ordering 851 
in ice. HDO and KH : PO 4 850 
Orbital basis set (see also Basis set) 32. 591T 
Order disorder transition 1113f. 1115. 1119. 
1122. 1126. 1128f. 1131. 1137. II38f. 1141. 
1144. 1150f. 1152-53. 1158-60 
Organic hydrates 558 
Orientation defects 1387. 1394 
Oscillator function 173. 176 
Overlap integral 37. 42. 47. 52IT. 56 


Overtones 185. 205. 207. 616. 621. 625. 648 
IR continuum 687 
of HOD 1380 
Oxalic acid dihydrate 555 
Oxygen, adsorbed on silica 1276. 1280 
Oxonium ion (sec Hydronium ion) 

n-bonded complexes 1102. 1103 
x-elcctron systems. H-bonds to 104IT 
*•— n states 5. 9 
Pair interacting potential 906 
Pair natural orbitals 36 
Pair potential of water 1373 
Parabolic potential 921 
Paraclcctric phase 908. 920. 922. 924 
Partial molar volume 

of electrolyte solutions 1412 
of salts 1413 
of water 1413 

Partial pressure ratio (secalso Vapor pressure 
ratio) 1240ff 

Partition coefficient 1408. 1411 
Pentagon dodecahedron 558f. 1416 
Pcntakaidccahcdral cage of water molecules 
1416 

Peptides 91. 124 

Pcrovskites. two-dimensional 1151 
Perturbation theory 

intermodular 39. 99. 129. 137 
second order 167. 177. 180. 204 
Phase transitions 382-85 
Phenol 942 

Phenol -f 3.6-aminoacridinc 10 
Phonon dispersion curves 906. 908 
Phonon dispersion relations 902 
Phosphate ion as H-bond acceptor 419. 718 
Phosphatidyl serine 760 
Phosphoric acid, polarizable H-bonds 718. 
751 

Point charge model 84 
p-iso-octylphenol 1404 
Poisson equation 83 
pK, 

and acid water bonds 750 
and formation of polarizable H-bonds 708 
and potential well 736fT. 750 
Plastic crystals 911 
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Plutonium oxide, adsorption on 1346 
Polar solvents, influence on proton motion 

in H-bonds 248. 265f. 270. 272. 277ff. 

28If. 284. 29If. 754ff 
Polarity 940. 947. 951 
Polarizability 37. 63. 98ff. 102 

of H-bonds (see also Polarizable H-bonds) 
180. 197. 247. 249ff. 253. 263ff. 285. 
291.688. 722ff 
and IR continuum 731 ff 
Polarizable H-bonds 
alcohols 

with acids 694. 704 
with bases 705 

and continuum, (see IR continuum) 
and fcrroclectricity 748 
and Grotthus conductivity 757f 
asymmetrical 7l8ff. 738ff 
biological systems 759ff 
between adsorbed molecules 717fT 
between dissolved molecules 707fT 
DMSO with acids 694. 704. 735 
H.O, 639 

HjO; ‘ 689IT. 723ff. 750ff. 753fl' 
imidazole semi-protonated 705ff 
interaction with environment 728ff. 753ft* 
salt effects on 7441 
table of systems with 696-703 
with crystals 747 
Polarization 942. 945. 946 
Polarization energy 44. 50. 59. 63. 91. 97ft* 
Polarization factor 897 
Polarization of K-bonds in the lirst excited 
proton state 249. 264. 279. 286. 289. 291. 
755f 

Polarization of water by cations 748ff 
Polarized IR spectra 586 
Polyclcctrolytcs 687. 689ff 
acidic 689ff 
basic 693ff 

Polyethylene oxide derivatives 556 
Polyhistidinc 761 f 

polarizable H-bonds 7611* 
proton conductivity 761 f 
Polynomial representation 173. 175 
Polynucleotides 759f 
Polypeptide 558 

Positions, of hydrogens within bonds 397ff. 


1113. Ill 6f. 1124. 1126. 1137-38. 1141.1142 
Potassium 

bifluoridc 932 

dihydrogen arsenate 1117. I119f, 1 122f. 

1129f. 1132. 1154. 1155. 1157 
dihydrogen phosphate 362. 382f. 908. 912. 
920-22. 924f. 932. 1115. 1116f. 1123f. 
1132-1157 

ferrocyanide trihydratc 1149. 1160 
fluoride dihydratc 930 
hexacyanoferratc (U)-trihydrate 930 
trihydrogen selenite 1121. 1138. 1140. 1136 
Potential barrier 222 

and OO distance with H 5 0 : * 194. 729 
Potential energy surfaces 169. 172. 196. 199. 
221. 228. 249. 338. 420. 570. 590. 596. 

6l4ff. 692. 724ff 

and environment of H-bonds 737. 75411 
and nature of acceptors 736 
and polarizability of H-bonds 722ft* 
and wave number regions of continua 736f 
calculated H 5 0 2 * 194, 723ff 
with acid water bonds 750ff 
Potential parameters 221. 238. 614ff 
Predissociation theory of band width 589 
Preference for angle 0 for H-bonds 403ff. 

559 

Pressure effects 1113. 1117, 1125, 1128, 
1135-38. 1140. 1149. 1151. 1154. 1156-59 
Primary hydrates of organic molecules 558 
Probability density 223. 231 
Probability distribution function 234 

for a proton in a symmetrical H-bond 232 
for a proton in a weakly unsymmetrical 
H-bond 233 

Projection operators 228 
Properties of water 1387 
Propionic acid 533 
Proteins 91. 124. 1013. 1015 
Protomeric structures (see also Proton 
boundary structures) 219f. 223. 227f, 235. 
241 

Proton (see also Hydronium ion. Hydronium 
hydrates. H 5 0 : + and H 9 0 4 + ) 687f. 689ff 
boundary structures 692f, 706 
catalytic activities and salt effects 744f 
formation of easily polarizable H-bonds 
684ff 
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fluctuation of 693. 753ff 
tunneling (see also Tunneling of protons) 
693 

Proton acceptors 736f. 942 
Proton affinities 113. 146ff 
Protonation site 81 
Proton chemical shift tensors 

and the strength of the H-bond 879-880 
in solid malonic acid 848-879 
in oxalic acid dihydratc 874 
Protonic conduction (je<* also Electrical 
(protonic) conductivity) 757ff. 761 ff. 973ff 
Proton dispersion forces 248. 254. 687. 729f 
Proton donors 941 
Proton donor-acceptor complexes 

electronic effects on H-bond stretching 
frequencies 782-783 
Proton hypcrfinc coupling tensors 
in X-irradiatcd KH : As0 4 883 
and the covalent character of the 
O H - O bonds 884 
and proton dynamics in O-H • • • O bonds 
885 

Proton intrabond jumps 112If. 1123. 1127. 

1130. 1132. 1134f. 1138. 1142. 1144. 1158 
Proton jump mechanism of ice 979ff. 1403 
Proton mobility (see Proton motion) 

Proton motion in H-bonds (see also Proton 
intrabond jumps) 173. 217. 225. 231. 246ff. 
692IT. 757fT. 76Iff. 979fT 
Proton states 175. 196. 221. 223. 720 
Proton transfer I46fT. 219. 224. 235. 723, 

946ft. 956 

and dipole moment of H-bonds 946ff 
and H s Oi * dipole moment 195. 250. 723 
with carboxylic acid N-basc bonds 737. 
949 

in H-bonded adsorbates 718. 1299ff. 

1301 ff. 1311. 1313. 1318. 1328. 1336 
mechanisms in ice 979ff. 1414 
Proton wave functions I73f. 249f. 921 
and polarizability of H-bonds 722f 
Pscudodimers 1081 
Pseudo spins 1181-1183 
tunneling models 1127f. 1133 
Purine bases 86. 698. 759f 
Pyrazole 536. 698 
Pyridine 10. 942 


adsorbed on oxides 1273. 1274. 1277. 

1281. 1282. 1286ff, 1289. 130 Iff. 1334. 
!344fT. 1348 

adsorbed on silica 718. 740f. 1273. 1274. 

1277. 1281. 1286ff. 1289. 130Iff 
complexes of 131 
bases 85 

Pyroelectricity 1114. 1139. 1152 
Pyrrole 631. 942 
Pyrrolidone 532 
Pyrromethenc 124ff 

Quadrupole coupling constant 1035. 1051 f 
definition 835 

relation to electronic structure 835-37 
dcutcron QCC 838-42. 844 
■ 7 0 QCC 850 
”CI QCC 857 
l4 N QCC 859 
7 *As QCC 862 
deuterium 1328 
Quadrupole moment 101 
Quadrupole-quadrupolc interactions 1081 
Quantum-mechanical tunneling 222. 228. 

693 

Quasielastic neutron scattering 893ff 
Quasistationary state 228f 
Quasiclassical WKB approximation 237. 240 

Raman scattering 1124. 1131. 1134. 1145. 
1156. 1157 
continuum 689f 

broadening of excitation line 732 
Raman spectra, of adsorbates 1335. 1343. 
1345. 1346 

Raman transitions 179. 187 
Rate of proton transfer 233. 236. 946ff 
Reaction potential 271. 274 
Rearrangement coordinate 220 
Rcdlich-Kistcr equations 1228 
Reduced masses 171 
Reduplication of DNA 219 
Relation 

bond energy and wave number shift 574ff 
H-bond length and wave number shift 574 
spectroscopic shifts and enthalpy 1209ff 
Relaxation mechanisms in ice 1414 
Relaxation rate, nuclear magnetic 1030 
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Relaxation time T t of '•'C 824 
Relaxation time of H : 0 (see also Relaxation 
times) 1394. 1401 

Relaxation times 

dielectric measurements 967ff. 971. 998 
inelastic neutron scattering 893 
nuclear magnetic resonance 1030 
Reoccurrence time 224. 235 
Reorientation time (see also Relaxation 
times) 1032. 1054 

Resonance interaction 259. 287f. 291 
Resonance interaction model 1073 
Rigid glasses 621 
Rigid ion model 906 
Rochelle salt (RS) 1142f. 1158 
Rocking 903 
Rotational diffusion 915 
Rotational freedom 905. 906. 926 
Rubidium 

bisulfatc 1146. 1159 

dihydrogen arsenate 1117, 1122. 1130. 

1154. 1155 

dihydrogen phosphate 1116. 1117. 1121. 
1130. 1155-57 

trihydrogen selenite 1139. 1140. 1136 
Rutile, adsorption on 1335. 1343 

Salt effects on polarizable 11-bonds 745f 
Salt-in effects, in water 1408 
on the solubility in water 1403 
Salt-out effects, in water 1408 
on the solubility in water 1403 
Salts, adsorption on 1350 
Saturation effects 959 
Scattering 396. 397 

function 895. 910. 915f 
law 915 

Secondary hydration sphere 1413 
Second moment of the NMR absorption line 
definition 867f 
in KH,F,869 
of H t O* ions 872 

Second relaxation time of H : 0 1402 
Second row elements. H-bonds to I07f. 112 
Self association 3 

in alcohols 622. 626. 795 
in amines 627 


in amides 632. 805 
in thiols 632 
carboxylic acid 806 
water 813 

Self-consistent field (SCF) 31. 33. 57ff, 94ff. 

100 

SCF perturbation theory 50. 51 
for molecular crystals 141 
SCF calculations HsO>* 118ff. 190ff, 723ff 
Self-correlation function 896. 915 
Self-diffusion coefficient 1031. 1050f 
of adsorbed molecules 1291. 1294. 1327. 
1328. 1329. 1345f 

Semi-carbazidc hydrochloride 1150 
Scmi-clathratcs 1418 

Semi-empirical MO theories 37. 40. 70. I I3f. 

I I6f. 123. 129. 141 f 

Shear mode, spontaneous shear 1125. 1156 
Shell model 906. 908 
Shift of AH stretching band 569ff 
Short H-bonds 426. 432. 503. 587 
Silica-alumina, adsorption on 1346 
Silica-chromia. adsorption on 1346 
Silanol groups 633. 12661T 
gcimna I 127 Iff 
IR combination bands 1267 
1 R fundamental I266ff. 1270. 1271. 1274. 
1275ff. 1282ff 

IR overtone bands 1267. 1290 
isolated 1271. 1272. 1274 
NMR of 1268. 1270 
number of 12691T 

perturbation of 1274ff. I296ff. 1303ff. 

1319 

pK , value of 1269. 1288 
vicinal 1271. 1274 

Silver trihydrogen periodate 1136. 1141 
Simultaneous excitation 622 
Simultaneous proton motion (see also Proton 
motion in H-bonds) 220 
Single scale enthalpy equations 1220 
Site splitting 1095 
Six-vertex problem 364. 382 
Slater groups 1126. 1129. 1133-35. 1154. 
1155. 1157 

Slater rules 1178. 1181 
Soap micelles 1419 
Sodium bifluoride 909. 932 
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Sodium trihydrogen selenite 1121. 1136-38. 
1140. 1157 

Soft modes, ferroelectric mode 1113. 1115f. 
1122-1125. 1128f. 1131 f. 1134. 1140. 1154. 
1156. 1158f 
SO : gas hydrate 1416 
Solids 936 

Solubility in H>0 1408 
Solution calorimetry 1202 
Solvation energy from vapor pressure 
measurements 1239 
Solvent effects 821 
on band shift 572 
on polarizable H-bonds 737 
on proton transfer 737. 940ff 
Space charge effects 967. 997 
Specific effects in biochemistry 529 
Specific heat 899. 901. 1120. 1126. 1129. 
1137. 1139. 1147. 1151 
of H : 0 1401. 1388 
Spin-lattice relaxation of water 1403 
Spin-lattice relaxation time 
of dcutcrons in KD : P0 4 847-848 
and dcutcron dynamics 847-848 
Spontaneous polarization 1114. 1117. 1119. 
1120. 1126. 1128f. 1130. 1133. 1136. Il38f, 
1142-44. I I46f, 1149. 1153-1159 
Stark effect 180 

Statistical mechanics approach 1373 
Stereochemistry 71. 82. 40Iff 466. 529fT 
Stcrically hindered alcohols 626 
Stcric restrictions I289ff. 1303 
Stochastic 
function 591 
motions 893 
tunneling 1194 
variable 226 
Stockmaycr potential 92 
Strong coupling theory 300. 305. 306IT. 338 
Strong electric fields 959 
Strontium chloride hexahydrate 930 
Structure breakers 1408 
Structure breaking effect 1055 
Structural description of hydrogen bond 
networks III6f. 1137, 1138-42. 1147-48. 
1151-1152 

Structure diffusion 692 

and Grotthus conductivity 757f 


Structure makers 1408 
Structure reinforcement 1057 
Structure temperature of an electrolyte 
solution 1403 

Substituted acetates 1150. 1160 
Sulfate ion as H-bond acceptor 419 
Supercooled water 1 386 
Surface 

energy of H,0. alcohols 1391 
enthalpy H„ of alcohols 1394 
tension 1391 

Symmetrical double well potential (sec also 
Double minimum potential well) 23lf 
Symmetrical H-bond 3. 171. 178. 23If. 426. 
428. 503ff. 587. 596ff. 604. 605 
influence of environment on 275ff. 724ff. 
754ff 

Synthetic trocgcrite 1149 

Tagaki groups 1126. 1130. 1132. Il34f. 1157 
Tautomeric equilibria 11 
7* c of alcohols 1385 
r c of water 1385 

Temperature dependence of Ay 573 
Terminal OH group 1095. 1099 
Tctraaquahydrogcn ion {see H.,0 4 * and 
Hydronium hydrates) 1279. 1281 
Tctrahydrofuran. adsorbed on silica 1279. 
1281 

Tetramcrs 1073-1075. 1080. 1089. 1092,1094 
Thermal expansion coefficient of H ; 0 1401 
Thermally stimulated polarization 995 
Thermal motion, effect on bond lengths 
400f 

Thermodynamic analysis 115. 1157. 1158 
Thermodynamic initial state 230 
Thiols 632. 1097 
Thiourea 1150 

Thorium oxide, adsorption on 1345 
Tight binding approximation 142 
Time-dependent Schrodinger equation 223, 
225 

Time-energy uncertainty relation 239 
Time evolution of a quantum system 223 
Time-of-flight spectra 898 
Time-of-flight technique 896. 904. 908, 918 
Torsional frequency 904. 906. 912. 926 
Torsional mode 1076, 1091, 1099 
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Torsional vibrations 901 -8. 911 
Total compressibility of H : 0 1401 
Total energy 168 
Total neutron scattering 925. 927 
Transfer matrix 362. 367. 383 
Transition moments 177. 198 
Transition polarizability (see oho Polarizable 
H-bonds) 1771T 

Transition temperature 1179. 1193 
Translational motions 898. 902. 903. 905. 
906.915 

Translatory diffusion 911 
Translator jump 914 
Translatory mode 901 
Translatory peaks 904-6 
Transmission coefficients 239 
Transport theory 225 

Transversal nuclear magnetic relaxation 1030 
Transverse optical (TO) phonons 1123f. 

1128. 1131. 1135. 1196 
Triaquahydrogcn ions 481. 674 
Triaquaoxonium ion 481. 7531T. 766fT 
structure 51 Of 
Trichloroacetic acid 10 

acetic acid, mixed cyclic dimer 117 
Triethylamine I Off 
Trifluoroacctic acid 1099. 932 
cyclic dimer 116f 

mixed cyclic dimer with acetic acid 117 
Trifluoroethanol 1096 
Trifluoropropanol 1096 
Trifurcated H-bond 408 
Triglycine 

fluobcryllatc 1144 
sclenatc 1144. 11 58 
sulfate 1144. 1150. 1158. 1160 
Trimers 537. 539. 1086. 1073-78. 1080. 1083 
cyclic 537JT. 1075. 1077. 1078f. 1094 
Tunneling 

approximation 248. 251. 259ff. 263. 289. 
723 

frequency 173. 199. 247. 279. 285. 288IT. 

29 If. 1183. 1193 

mode 1181. 1183. 1184. 1186. 1190. 1191- 
1193 

of protons 222. 247ff. 304. 349. 693. 1113. 
1124. 1127f. 1131. 1132. 1135. 1143. 
1154. 1155. 1157. 1178ff 


time 236. 238 
Twisting 903 

Two-constant model of alcohol and amine 
association 1235 
Two-level approximation 240 
Two-level system 230 
Two-minimum potential (see Double- 
minimum potential well) 

Two-state function of the vapor pressure 
ratio 1250 


Ultrasonic absorption of H : 0 1400 
Ultrasonic attenuation and velocity measure¬ 
ments 1120. 1125. 1130. 1131. 1160. 1172 
Univalent redox reactions 10 
Unrestricted Hartrcc-Fock method (UHF) 
143 


Valence electron distribution 416 
Vanadium oxide, adsorption on 1 344 
Van der Waals forces 964 
Van der Waals radii 28. 87. 401 
Vaporization energies of variously dcutcrated 
alcohols, amines and methanethiol* 123511 
Vaporization heat of 1-1*0 I 390 
Vapor phase 

chemical shifts 819 

Vapor pressure isotherms 1227. 123Iff. 1247 
Vapor pressure isotope effect I240ff 
concentration dependence of 1240 
frequency dependence of I247ff 
temperature dependence of 1242 
Vapor pressure ratios 

of chloroform and deuterochloroform on 
dilution with acetone 1256 
of highly diluted ammonia and 
tridcuteratcd ammonia 1254 
of hydrogen fluoride and deuterium 
fluoride 1257 

of H : 0 and D : 0. ice and water 1251 
of H^O and D : 0 on dilution with 
pyridine 1255 

of solid and liquid ammonia and 
trideuteroammonia 1254 
of variously dcuterated carboxylic acids 
1256 



SUBJECT INDEX TO VOLUMES MU 


of variously dcuicratcd dimcthylamines 
1244 

of variously deutcratcd cihanols 1243 
of variously deutcrated melhanols 1243 
of variously deuterated methylamines 
1240. 1242 

Variational method 173 
Velocity of sound 556 
Vcrmiculite. adsorption on 1349 
Very weak H-bonding 7 
Vibrational 

coupling 174, 196. 224. 731. 1082. 1096. 
1098. 1099 

frequencies of water 540 
mode 169. 568 
normal coordinates 221 
splitting 1095 

Virial coefficients, second 92 

Water 415. 433. 748IT. 898. 911-913ff. 928. 
929. 1049. 1070. 1086. 1087. 1103. 

1368fT 

H-bonds in clathrate hydrates 1415 
H-bonds in electrolyte solutions 748fT. 
I403IT 

H-bonds in ice I426ff 
H-bonds in liquid water !369fT 
adsorbed on alumina 1333 
cooperative efTects 1335 
coordinatcly bonded 1333 
dielectric behavior 1335 
electrical conductivity 1336 
heat of adsorption 1333. 1335 
neutron inelastic scattering 1333 
NMR relaxation 1336 
proton transfer 1336 
Raman scattering 1335 
adsorption on oxides 1285. 13030*. 13330. 
13430* 

adsorbed on silica 1285. 1303 
cluster formation 13060* 
correlation function 1313 
dielectric behavior 1313. 1314. 13150* 
electrical conductivity 13130* 
entropy of adsorption 1305. 1314 
far IR 1308 
frost damage 1317 


heat capacity 1306. 13090* 
heat of immersion 1309 
IR fundamental bands 1303. 1306 
IR overtone and combination bands 
1306ff 

neutron inelastic scattering 1305. 1306 
NMR relaxation 1305. 1306. 131 Iff. 
1316 

nucleation of ice 1311. 1316. 1317 
proton transfer 1311. 1313fT 
computer simulation 372. 379-81 
complexes of 108ff. 131. I43ff 
continuum theories 375-79. 1368ff 
dielectric constant 369. 381 
dimer (H,0), 27. 46-48. 50. 55. 57. 59. 60. 
.v 2. 73ff. 78. 85. 109. 115. 129. 206 
fi||P 1005 

intermodular potential 368. 371. 375-81 
lattice theories 371. 373. 375 
molecule 34. 84. 89. 146 
tetrahedral clusters I37f 
of cristallization 902. 930 
of oligomers 133ff 
perturbation theories 379 
Wave number shifts 172. 180. 213 
and anharmonicity 644f 
and bond energy 574f 
and bond enthalpy 1209ft 
and bond length 574 

with polarizable H-bonds due to electrical 
fields 202. 724ff 
Wave packet 220ft*. 227 
Waving 903 

Widcline NMR and H-bonding 867 
determination of proton-proton or 
proton-fluorine distances 867-872 
in KHF, 867 
in KH 2 F, 868-871 
in H,0* ions 872 
in H 5 0 ; * ions 872 
Wien efleet 966 
Wilson equations 1228 
Wilson parameters, physical interpretation 
1229 


X-N difference maps 416f 
X-N maps 503 
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X-ray diffraction 395. 1113. 1118. 1138f. 

1146. 1147. 1154. 1159 
X-ray studies, adsorbed systems 1348. 1349 

Zeolites, adsorption on 13461T 


Zero differential overlap (ZDO) 37. 52. 55 
Zero phonon line 339 
Zinc oxide, adsorption on 1345 
Zirconium oxide, adsorption on 1344 
Zwitterion 461 
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